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PREFACE. 


To write a text-book of Physical Chemistry for advanced students is to 
court criticism. The task is much more formidable than would appear 
at first si^ht. Let him who doubts this try it for himself! To begin 
with, the whole subject has developed with such astonishing rapidity 
during the last few years that not the least problem confronting the 
author was that of selecting the most suitable themes for treatment. It 
is exceedingly difficult, in a rapidly moaning field, to see things in their 
true perspective, and there is always a danger of over-emphasis in those 
sections which either interest the author most or are, for some reason or 
other, specially familiar to him. This is essentially a personal matter 
upon which, in all probability, no two authors would entirely agree. 
It can only be said that in selecting the material for tliis book the author 
has been guided by what he has found to be most helpful to his senior 
students at the Birmingham Technical College during the last ten 
years. 

Again, it appears to be impossible to arrange the selected matter 
in perfectly logical sequence. An attempt has therefore been made to 
meet this disadvantage by providing a good index and frequent cross- 
references in the text. 

Yet again, the author was confronted with the problem of deciding 
how much the reader might be expected to know when commencing to 
study this book. It has been assumed that he has already acquired a 
nodding acquaintance with the elements of physical chemistry, such as 
that required, say, for the London Intermediate Science Examination; 
but it has further been assumed that much of it has been forgotten and 
the fundamentals in particular have never been driven home. For this 
reason particular attention has been given to the contents of the first 
two chapters. If any reader finds that he is so familiar with the data 
therein that his memory needs no refreshment, so much the better for 
him. He can at once proceed to higher things. 

Now shall the study of physical chemistry be purely abstract, or 
shall it be written as a really human story, with its bearing on modern 
problems of various kinds clearly indicated? The latter course has 
been chosen, and abstract theory has been sprinkled with concrete 
illustrations. 

What about references ? To have included full references to all the 
original papers consulted would have made the volume considerably 
more bulky and expensive. The author has therefore contented himself 
by giving, whenever desirable, the name of the investigator and the year 
of publication of the research. The student desiring to consult the 
original paper can easily hunt up the full reference in British Chemi<^ 
Abstracts, and turn up the paper in a suitable library. 
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The author desires to express his great indebtedness to Messrs Adam 
Hilger, Ltd. for permission to reproduce figures i28, 129, and the 
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VOLUME I. 

GENERAL PROPERTIES OF ELEMENTS 
AND COMPOUNDS. 


CHAPTER I. 

UNITS AND FUNDAMENTALS. 

What is Physical Chemistry?—An ancient native name for E^ypt 
is Khem, which signifies black land^ and probably had reference to the 
black mud left by the Nile after its periodic over (lows. The Greeks and 
Homans were greatly impressed by the skill manifested by the Egyptians 
in the working of metals, and referred to it as the “ Art of Khem.” 
This expression Khem ” has come down to us through the Arabic as 
Alchemy and, later. Chemistry, The modern science of metallurgy thus 
approaches very closely to the original conception of chemistry. 

It is generally admitted that we are surrounded by something con¬ 
crete, which we have agreed to call matter. As a working definition 
matter may be defined briefly as that which can occupy space. This 
docs not commit us as to the composition or structure of matter, about 
which we shall learn more later. Many forms of matter exist, and all 
arc capable of undergoing various changes, which may, for convenience, 
be divided into two types or classes, namely, Physical Changes and 
Chemical Changes. It is in the province of Physics to study the 
former, whilst the latter are dealt with by the science of Chemistry. 
There is no hard and fast line of demarcation between these two sciences, 
and it is not always easy to distinguish between physical and chemical 
changes; indeed, the two often occur at the same time. Generally 
speaking, however, the former are reversible and do not result in the 
production of new forms of matter, whilst the latter are usually more 
profound in character, inasmuch as the particular kinds of matter 
initially concerned in them may disappear and their place be taken by 
fresh bodies possessing entirely new properties. 

An example will make this clear. Mercury or quicksilver is a 
mobile, silvery liquid, of high density and low melting-point. When 
dipped into liquid air it stiffens iiito a solid mass, like silver, crystalline, 
malleable and ductile. This is a physical change and, on warming to 
the ordinary temperature, the metal returns to its original liquid 
condition. If, however, it is heated in air for a considerable time at a 
temperature slightly below its boiling-point, a chemical change takes 
place, and a new red body appears on the surface of the mercury. The 
surrounding air has taken part in this change, for if the experiment is 
carried out in a closed vessel, the red body eventually ceases to be 
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formed, and the gas which remains (mainly nitrogen) is found to differ 
from ordinary air, since it extinguishes a lighted mat(»h. When the 
new red body (mercuric oxide) is heated in a tube it darkens consider¬ 
ably in colour, and ultimately becomes almost black. This is only a 
physicral change, and, on cooling, the body resumes its former appearance. 
A chemical change occurs, however, when the body is more intensely 
heated ; mercury is observed on the (* ** ool parts of the tube, and a 
colourless gas (oxygen) is produced that is easily shown to differ from 
ordinary air since a splint of wood that is just glowing in air bursts 
into ilame when plunged into the gas, and if the heating is prolonged 
sulhciently, the red body completely disa])pcars. This cx})criment is 
of very special historical interest, as both Schcelc and Priestley, during 
the years 1771 to 1774, were led independently to the (lis(*overy o(‘ oxygen 
by heating red mercuric^ oxide, or “ mercurius calcinatus per sc,” by 
concentrating the sun’s rays upon it with a lens. 

A chemical change also takes place when a little mercury and sulphur 
are rubbed together vigorously in a mortar. Much of the mercury and 
sulphur disai)pear, and a new black body (mercuric sulphide) makes its 
appearance. 

Chemical changes are a matter of common observation in daily life ; 
the burning of coal, oil and gas, and the decaying of d(‘ad vegetable and 
animal matter are familiar processes which are readily seen to conjc 
under this heading. 

Physics and chemistry are closely interwoven in that branch of 
science known as Physical Chemistry, which deals essentially with 
the nature of the mechanism of chemical changes. For this reason the 
science is frequently defined as the ajfjylication of physical methods to the 
elucidation of chemical problems. 

Laws and Hypotheses. —A scientific law is a generalisation, the 
truth of which can be demonstrated by experiment. On the other 
hand there are many generalisations which we have every reason to 
believe are true, but which cannot be confirmed by direct experiment; 
these are termed hypotheses. Sometimes an attempt is made to 
distinguish between hypothesis and theory. The line of demarcation 
is not very definite, but in general it may be stated that a theory em¬ 
bodies the application of certain hypotheses. For example, Dalton’s 
Atomic Theory is an attempt to explain certain (;hcmical J'acts by 
means of the hyjK>thesis that matter consists of atoms possessing 
well-defined properties. 

Mixtures and Homogeneous Substances.* —Simple inspection 
reveals the fact that many substances do not possess identical properties 
throughout their mass. Thus, for example, granite is seen to consist of 
three different materials, known to the mineralogist as quartz, mica 
and felspar. Upon crushing the granite into small fragments the three 
materials become mechanically separated. Such substances as granite, 
therefore, are termed mixtures, and are said to be heterogeneous. 

* It is a fundamental law that when a number of bodies are found to agree exactly in 
a few of their properties, further examination shows them to agree exactly in all their 
properties; such bodies are said to be specimens of one and the same substance. The 

** substance ” is therefcjre a conception derived by abstracting the properties common to 
all its specimens. By properties or specific? properties is hero understood those, sucli as 
colour, hardness, specific gravity, etc., which are the same in all parts of the bodies, 
excluding the attrihuUs of mass, shape, etc., which differentiate the different specimens, 
ftpd the tmditiom of pressure, temperature, etc., which may bo altered at will. 
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On the other hand, a substance, such as Iceland spar, which ordinary 
observation does not show to consist of different parts, is said to be 
homogeneous ; the minutest portion that can be detached mechani¬ 
cally possesses the same specific physical properties as does the substance 
in bulk. A homogeneous mass is also referred to as a phase. 

Solutions. —If a small quantity of common salt be added to water, 
it disappears, and, either as the result of long standing or of stirring, 
a homogeneous liquid mass is obtained, termed a solution of salt in 
water. If further additions of small amounts of salt be made, they 
too disappear, until eventually a limit is readied, after which further 
quantities of salt cease to disappear or dissolve, and remain in the 
solid state. The solution is then said to be saturated with the salt. 
The salt is termed the solute and the water the solvent. Common 
salt and water may thus be brought together in any proportions 
between certain limits, with the production of a hornogeneons liquid. 
Moreover, continuous variations in the relative amounts of salt and 
water arc associated with continuous changes in the physical })ropertics 
of the resulting liquid. In this instance, the inferior limit to the 
amount of salt is zero ; the superior limit is found to vary both with 
temperature and pressure. 

Although the constituents of the solution, salt and water, cannot be 
detached mechanically, as in the case of a heterogeneotis mass, the 
separation can nevertheless be effected by physical means, namely, by 
causing one of the bodies to undergo a change of state. For instance, 
by supplying heat to the solution the water may be converted into 
vapour and thereby separated from the salt, which remains in the solid 
state. Or, by cooling the solution, water may be continuously removed 
as ice, until, in this instance, after the remaining solution has reached 
a certain concentration, further cooling results in the production of a 
heterogeneous solid mass of ice and salt. 

A solution, then, may be defined as a homogeneous mass, the 
composition of which rnay undergo continuous variation (between the 
limits of its existence), and which may he separated into two (or more) 
homogeneous substances by processes involving change of state. This 
definition docs not restrict solutions to any particular state of matter. 
Accordingly there may be gaseous, liquid and solid solutions, and a 
substance is classed as a solution when, by processes involving change 
of state, it can be separated into a number of other substances A, B, 
C, . . ., and forms one member of a series of substances the compositions 
of which range over all the possible proportions of A, B, C, . . . com¬ 
prised between certain limits. 

Solutions are usually classed as mixtures, being referred to as homo¬ 
geneous mixtures ” in order to distinguish them from the class of 
mixtures previously mentioned. 

Elements and Compounds. —The word elennent is stated to be 
derived from the three letters L, M, N, these being used in much the 
same manner as the letters A, B, C, to denote rudiments of things. 
The so-called “ Aristotelean elements,” Fire, Air, Earth and Water, 
had been postulated by Empedocles at least half a century before 
Aristotle was born. These were termed the “ roots ” of all things, 
aild were regarded as homogeneous, indestructible and unchangeable; 
from their admixture arose the different substances with which we are 
familiar. But whilst Empedocles regarded the four “elements” as 



4 


PHYSICAL CHEMISTRY. 


tangible and concrete bodies, Aristotle (884 to 322 b.c.) appears to 
have viewed them as qualities or essences^ which could permeate matter 
and thus yield different substances. They were not therefore quite 
identical with the material fire, air, earth and water, as we know them. 

A nearer approat'h to the modern conception of an element was 
that of Anaxagoras (500 to 427 n.c.), who assumed as many elements 
as there were simple substances. As, how^ever, simple physical changes 
such as mechanical division and solution, and such changes as could be 
effected by varying the temperature, were practically the only means 
of separating substancies, the number of simple substances was, of 
necessity, inordinately large. 

The word “element” was first used in its modern significance by 
Boyle (1627 to 1691), and was clearly delined by Lavoisier, in 1789, 
as implying « substance that cannot he split up by any known means into 
anything simpler. 

The same idea may be expressed in another way, namely, an element 
is a distinct species of matter that has not yet been proved to be composite. 

Many substances that were regarded as elementary in LaA'oisier’s 
time have sin(*(' been found to be composite, but these do not affect the 
definition. Approximately ninety elements arc known to-day, and a list 
of their names, symbols and atomic weights will be found on pp. 35, 36. 
Of these, hydrogen and ten non-metallie. elements are gaseous at the 
ordinary temperature, bromine and mercury are liijuids, the remaining 
elements being solids under ordinary circumstances. Only a few occur 
in nature in the free state. Some elements are much more abundant 
than otlicrs; the following table gives, according to F. W. Clarke, the 
average composition of terrestrial material (including the earth’s crust, 
the ocean and the atmosphere): 


Element. 

Per cent. 

Element. 

Per cent. 

Element. 

Per cent. 

Oxygen 

498 

Potassium. 

2*28 

Bariu in 

0*09 

SilicoJi 

20-1 

Hydrogen . 
Titanium . 

0*95 

Manganese 

007 

Aluminium 

7-34 

();37 

Strontium . 

0-03 

Iron 

411 

Chlorine . 

0-21 

Nitrogen . 

002 

Calcium . 

319 

Carbon 

019 

Fluorine . 

0*02 

Sodium 

2*33 

Phosphorus 

Oil 

Remaining 


Magnesium 

2 24 

Sul})hur 

on 

elements 

0*44 


A compound consists of two or more elements chemically united, 
and differs from a mixture in that its properties are entirely different 
from those of its constituents. 

The elements present in a compound are said to be in a state of 
chemical combination, and the chemical composition of the compound is 
a statement, usually expressed in percentages, of the relative proportions 
in which the elements occur in that compound. It may be stated at 
once that, as would be expected, bodies which possess identical physical 
properties are also found to possess identical chemical composition ; the 
converse, however, is not true. 

We are naturally led to inquire as to what evidence exists that the 
substances we now term elements are really such, for the fact that 
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they may so far have resisted chemical decomposition is not in itself 
conclusive. The evidence rests upon three main })lanks, namely: 

(1) Leaving out of consideration the elements which arc gaseous 
at ordinary temperatures, the atomic heats of th(‘ (‘Icments do not 
vary very greatly from the mean value of 6*4. This is Dulong and 
Petit’s Law (1819) (see p. 216). On the other hand the molecular 
heat of a compound is the sum of the atomic heats of its constituent 
elements, and must therefore be a multiple of 6*4—Kopp’s Law (1804) 
(see p. 224). 

(2) When the elements arc arranged in the order of increasing atomic 
weight, their general properties show a tendency to recur at regular 
intervals—^the Periodic Law (Chap. XVI). These “periods” limit 
the number of possible elements, and allord no room for compounds 
or for radicals in what is known as the Periodic Table (see Frontispiece). 
For exam])le, Berzelius in 1831 concluded that vanadium l)elong(id to 
the same family as chromium and molybdenum. This conclusion was 
subsequently shown by Roseoe, in his classical researclies on vanadium 
(1808 to 1870), to be an error, because Berzelius had been handling the 
oxide VO, when he thought he w^as dealing with the free metal. This 
misapprehension was due in ])art to the extreme dilliculty of reducing 
vanadium compounds to the metal, and in ])art to the readiness with 
which the vanadyl radical enters into reactions like a simple metal. 
Roscoc established the intimate relation existing between vanadium 
and the members of the nitrogen family. This is confirmed by the 
Periodic Table (Frontispiece), reference to which shows that a very 
suitable place is afforded for an element like vanadium with an atomic 
weight of 51 at the head of Sub-group A in Group V, but there is no 
space for the radical VO, of “atomic” weight 67, which would locate 
it between zinc and gallium. 

(3) The most convincing evidence, however, lies in the atomic 
numbers of the elements (see p. 337). These are determined from the 
X-ray spectra, and coincide with the serial numbers of the elements in 
the ideal periodic table (Frontispiece). For each element the X-ray 
spectrum is perfectly definite and independent of the state of chemical 
combination. Comjiounds do not yield distinct spectra, but those of 
their constituent elements. Thus, the vanadium monoxide referred to 
in the preceding paragraph yields the spectra of vanadium and oxygen, 
and is thus immediately seen to be composed of these two elements. 

Metals and Non-metals.—The division of the elements into 
metals and non-metals is merely one of convenience. It is, moreover, 
imperfect, for no clearly defined line of demarcation between the two 
classes can be drawn. The non-metals include the gaseous elements 
and bromine, sulphur, selenium, tellurium, phosphorus, arsenic, carbon, 
silicon, boron and iodine ; the metals comprise the remaining elements. 
The names of the metals and non-metals discovered during the last 
hundred years usually end in -ium and -on respectively; the names 
“ selenium ” and “ tellurium ” do not conform to this rule, since these 
substances were originally classed among the metals. “ Helium ” also 
is exceptional, but this arises from the fact that the element received 
its name in 1868, long before its isolation, and w^hen, indeed, the only 
evidence of its existence lay in the yellow Dg line observed in the solar 
chromospheric spectrum. It would be more logical to re-christen tlic 
element helion. 
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The metals as a class are distinguished both by their physical and 
chemical properties. They are opaque in bulk, more or less malleable 
and ductile, and are good conductors of heat and electricity. Formerly 
all metals wt‘rc considered to possess high densities, an idea that was 
abandoned when Davy isolated sodium and potassium and demon¬ 
strated their metallic character. The metallic nature of mercury was 
admitted in 17.59, when it was first frozen. 

In so far as their chemical propci’ties are concerned it will suffice 
to add that with oxygen the metals yield basic oxides which react 
with acids to produce salts. 

The non-metals, on the other hand, comprise, with perha})s the 
exce[)tion of hydrogen, all those elements that are gaseous at the 
ordinary temperature, one licpiid, namely bromine, and a series of solids 
more or less brittle in character, v^arying in colour, and in general non¬ 
conductors of heat and electricity. Some of them, notably the halogens, 
])ossess powerful odours. They usually dissolve in carbon disuly)hidc, 
they unite with oxygen to yield acidic oxides, and, in general, they 
form stable comyxmnds with the metals, either alone or in conjunction 
with oxygen. 

The difliculty of drawing a sharyj dividing line between the metals 
and non-metals lies in the fact that in several cases the properties of 
the metals and non-metals overlap in an element. Thus zinc, bismuth 
and antimony arc brittle, and hence were regarded throughout the 
Middle Ages as semi-metals. Again, iodine and tellurium are lustrous, 
whilst silicon, graphite and, at a red heat, boron, readily condiict 
electricity. Border-line elements such as these are frequently termed 
metalloids, a term introduced by Erman and Simon in 1802. Usually, 
the metalloids possess the form or appearance of metals, but are more 
closely allied to the non-metals in their chemical behaviour. Con¬ 
fusion in the nomenclature has been caused by the fact that in 1811 
Berzelius em])loyed the term “ metalloid ” as synonymous with “ non- 
metal,” and French chemists still use it in that sense. 

Although to the chemist the elements are the ultimate forms of 
matter, from wdiich other substances arc built up, it does not follow 
that tiny do not possess a complex structure. In recent years elements 
have been disc*overed which spontaneously disintegrate. These changes, 
however, w^hieh proceed at definite rates in accordance with a siin])le 
law, w^ould seem to be beyond the power of the chemist to control. 

Physical Magnitudes. —In order to obtain a conception of the 
magnitude of a physical quantity a suitable unit must be chosen; 
further, each different kind of physical quantity requires its own 
particular unit. The magnitudes of these units may be, and often are, 
j^urely arbitrary. Experience has showm, however, that very definite 
relationships frequently exist between different kinds of physical 
magnitudes, so that it is possible, by carefully choosing certain units 
as fundamentals, to derive other units from them. A group of funda¬ 
mental and derived units is known as an absolute system of units —a 
term introduced by Gauss in 1882. 

In physics and chemistry the fundamental units generally em¬ 
ployed are those of length, mass or quantity of matter, and time, 
which may be designated [L], [M] and [T] respectively. In the e.g.s. 
system the units employed are the centimetre, gramme and second. 
This system is used almost exclusively in the present volume, but 
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where other units are in common use they may be referred to in order 
to familiarise the student with their relative magnitudes. 

Derived Units.- In order to make a record of any length, mass 
or period of time, two items of information must be given, namely, 
(i) a term indi(*atiiig the unit employed, and (ii) a numerical exjiression 
stating the number of times the unit is contained in the given quantity. 
Thus, the distance between two points may be written as I [LJ, where 
[L] rc])resents the unit of length and I is the numerical item. In e.g.s. 
units this would normally be written as I cm. For the unit of area we 
might write [AJ. But it is convenient to choose as our unit the area 
of a square the sides of which are each of unit length, so that [A] is a 
derived U7iit, and may be replaced by [L^]. Sim*e the unit of area is 
independent of the units of mass and time, this fact may be stated as 
follows ; 

1AJ=[L2.M«.T0J. 


The right-hand ])orlion of this expression gives what are termed the 
dimensions of the unit of area with respect to length, mass and time. 
Similarly the dimensions of the unit of volume [VJ are [L^. . T‘^]. 

Another derived unit of great importance to the physical chemist 
is that of velocity, or speed, |SJ. It is obvious that [SJ is independent 
of the unit of mass, but it does depend upon the units of length and 
time. Since 


Speed 


Length 


it follows that the dimensional equation for speed wntli reference to 
length, mass and time is 

[S]=[Li.M«.T"i]. 

Other derived units arc dealt with in succeeding sections as occasion 
requires. 

Units of Length and Volume.—It has long been recognised that 
for purposes of trade certain standard measures are desirable. Thus, 
in Holy Writ we read that there were deposited in the Ark of the 
(bvenant Aaron’s liod, a Golden Pot and Two Stones (Hebrews ix, 4). 
These were j^robably the Hebrew standards of length, volume and 
weight ” or mass, respectively. Under the Roman Empire standard 
weights and measures were kept in a temple ; they were lost after the 
fall of Rome. 

Two standard units of length are recognised in Great Britain, namely 
the Imperial Standard Yard and the Metre. 

Prior to 1834 the stmxdard yard was in the custody of the Clerk to 
the House of Commons, but in the fire of 1834 at the House the standard 
was destroyed, and as no recognised standard copies had been prepared, 
the problem of replacing the standard yard was one of considerable 
ditficulty. This was eventually surmounted, however, and in 1855 the 
yard was defined as follows : 

“ The straight line or distance between the centres of the 
middle transverse lines in the two gold plugs in the bronze bar 
deposited in the Office of the Exchequer .shall be the genuine 
standard yard at 62° F., and if lost it shall be replaced by means 
of its copies.” 
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The composition of the alloy used in the constmction of the bar was 
Cu : Sn : Zn as 16 : 2*5 : 1. The standard yard is now preserved at 
the Standards Department of the Board of Trade in accordance with 
the Weights and Measures Act of 1878. There w^ere originally four 
official copies deposited elsewhere. One is at the Royal Mint, another 
in the care of the Royal Society, one at the Royal Observatory, Green¬ 
wich, and another buried in the wall of the New Palace at Westminster. 
A fifth w^as added in 1886 and deposited at the Board of Trade (Stan¬ 
dards Department). Copper alloys are now known not to be suitable 
for standards of length, and a platinum-iridium copy of the standard 
was prepared in 1902. 

The metre was recognised by Parliament in 1897, and owes its 
origin to the French Republic of 1795. It was decided that the metre 
should be a physical constant, namely exactly one ten-millionth (10 ’^) of 
the Earth’s quadrant, or, more precisely, of the distanc^e between the 
North Pole and the Equator measured over the surface of the Earth 
along the meridian passing through Paris. It was thought that by 
this means if ever the standard were lost it could be replaced. The 
actual measurements were carried out by Delambre and Mcchain 
between Barcelona and Dunkirk, and to Borda was entrusted the task 
of constructing the standard metre. It was soon realised, however, 
that, if the meti’c were defined as above, every time a more accurate 
determination was made all the copies in general use would reejuire 
altering, which would be disconcerting to trade and almost fatal to 
scientific progress. The metre was, in consequence, converted into a 
purely arbitrary unit, like the British yard, and was defined as the 
distance between the ends of Borda’s platinum rod at 0° C. (According 
to the latest measurements the mean meridian quadrant measures 
10,002,100 metres.) The International Prototype Metre is a copy of the 
original Borda platinum standard—the mMre des arch ives. It is made of 
an alloy of 90 per cent. Pt and 10 per cent. Ir, used also for the Inter¬ 
national Kilogram (see p. 10), this alloy being hard and durable, very 
resistant to corrosion, and possessed of a low coefficient of expansion 
with rise of temperature. The metre is here the distan(*c between the 
centres of two lines engraved upon the standard, when measured at 
0® C. Platinum-iridium copies of this metre, called National Prototype 
Metres y were made at the same time and distributed about 1889 to the 
different Governments, and the British copy is housed at the Standards 
Department of the Board of Trade. The metre length does not differ 
greatly from the yard, but it is a more convenient unit because its 
multiples and sub-multiples are decimally connec*ted, whereas the British 
measures arc inconveniently complicated. The legal equivalents, those 
legalised by the Order in Council of May 19,1898, are as follows : 

1 metre —1*0936143 yards, 

1 yard -0‘914399 metre. 

For scientific purposes the centimetre is largely used as the unit of 
length, but in measuring very minute distances the following terms are 
employed : 

1 micron, /x, =10''® millimetre, 

1 millimicron or micromillimetre, fip or mp, -10^® „ 

1 Angstrom unit, A or simply A, «10~® centimetre. 
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The first two units are largely used for measurements connected with 
substances in the colloid state (see Chap. XXII). The Angstrom unit 
is employed in measuring the wavelength of light and the distances 
between atoms within a molecule. 

The international prototy})e metre has been measured in terms of 
the wavelengths of three lines in the cadmium spectrum as determined 
in dry air at 15° C. and 700 mm. pressure. The three lines occur in 
the red, green and blue regions respectively; the metre is found equal 
to 1,553,164’1 wavelengths of the red ray. It would thus be possible 
to rcpla(‘e the standard with great accuracy, even if all its copies were 
destroyed with it. 

It is sometimes usel\il to remember that the diameter of a half¬ 
penny is one inch, or approximately 25-4 mm. 

The unit of volume may be a derived unit, and once the unit of 
length has been chosen, the volume of a cube each of whose sides is of 
unit length becomes automatically the unit of volume. In other words 
the dimensions of volume are [L^]. In the e.g.s. system the unit of 
volume is the cubic centimetre, variously written as c.c. and cm.^ 
Another unit in common use for measuring the volumes of gases and 
liquids is the litre. Although very nearly equivalent to 1000 c.c., the 
litre is entirely independent of the metric units of length, being the 
volume occu})ied by a given, arbitrary mass of water, under certain 
standard conditions (sec p. 11). For expressing molecular dimensions 
the Angstrom unit of volume, namely 10“^^ c.c., is sometimes a 
convenient quantity to use. 

Units of Mass.—Two standards of mass, as of length, are recog¬ 
nised in Great Britain, namely the Imperial Standard Pound (Avoir¬ 
dupois) and the Kilogram. The former is the unit of the British 
System and the latter of the Metric System. The pound avoirdupois 
has been in use in Great Britain continuously since the fourteenth 
century, although not as a standard, and its mass has varied slightly 
at different times. 

Prior to the fire in the House of Commons in 1834, the })ound troy 
was the legal standard, and was in the custody of the Clerk to the House. 
Its loss in the fire, however, led to the appointment of a Commission to 
consider the question of standard weights and measures, and as a result 
of the Commission’s report in 1841, it was decided to take the jmund 
avoirdupois as the standard and fix its mass definitely as 7000 grains. 
A standard “ weight ” was therefore prepared under the direction of a 
Committee in the form of a cylinder of platinum marked “ P.S., 1844, 
1 lb.” The letters P.S. mean “ Parliamentary Standard.” This 
standard is kept at the Standards Department of the Board of Trade, 
and five copies are kept, one each at the five places where the live 
standard yards arc deposited (see p. 8), in the custody of the Warden 
of the Standards. The Act of Parliament (1878) states that the 
weight in vacuo of the platinum cylinder shall be the legal standard 
measure of weight from which all other weights and measures having 
reference to weight shall be ascertained. 

The gmin, referred to above, is the smallest British unit of mass. 
It is supposed to represent the average mass of a grain of corti, whence 
its name from the Latin granum, seed. It is now defined as one seven- 
thousandth part of the standard pound. Old English weights were 
based upon the wheat grain, thirty-two of which were at one time 
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equal in weight to one penny. Thus, during the reign of King Henry III 
(1267) an Act was passed which said : 

“ An English peny called a stcrliiig round and without clippijig, 
shall w(‘igli thirty-two wheat corns in the midst ot the ear ; and 
20d do make an ounce and 12 ounc^es one pound and eight pounds 
do make a gallon of wine, and eight gallons of wine do make a 
liondon Bushel which is the eighth part of a Quarter.” 

Gold, silver and precious stones arc still weighed by the system of 
Troy weights. This system is named after the French town of Troyes, 
whence it was brought to England. The system starts from the barley¬ 
corn, 24 barleycorns being equal to one pennyweight. 

At one time nearly every town in England was bound by law to keep 
a set of standard weights. Many of these weights arc now lost, but 
the city of Lancaster has a set dating from the time of King Henry VII 
(1485 to 1509). 

The kilogram is the mass of a lump of platinum prepared by Borda 
to re})resent the mass of a cubic decimetre, that is 1000 c.c., of jmre 
crater at the temperature of its maximum density, namely 4° C. It is 
called t he “ Kilogram (ks Archives,'*'^ This kilogram was pre])ared at 
the close of the cighl(‘enth century with the very greatest care, but 
during succeeding years methods of measurement became increasingly 
refined and by 1872 it was realised that the experimental error in the 
determination was greater than was p(?rmissible for accurate work. 
So instead of defining the kilogram as the mass of 1000 e.c. of water 
under the foregoing conditions, it was decided to make the mass of the 
platinum the arbitrary unit. The International Prototype Kilogram is 
the mass of a cylinder of platinum-iridhun alloy (00 : 10) similar in 
composition to the allo}^ used in the preparation of the metre, and for 
similar reasons : it is a eo|3y of the original Borda standard. Copies of 
this standard have ])cc‘n prepared and distributed as National Prototype 
Kilograms to different Governments. The British copy, made of iridio- 
platinum, is cylindrical in shape, and is kept at the Standards Ofiic(‘. 

In the e.g.s. system the unit of mass is the gramme, which is one- 
thousandth part of the kilogram. 

The connection between these units and the British unit is com¬ 
plicated. Thus the legal equivalents (1898) (sec p. 9) are : 

1 pound =0-45«S59248 kilogram, 

1 kilogram =2*2046223 pounds. 

From the foregoing it is evident that the kilogram is now an entirely 
arbitrary unit, in no way connected by definition with the unit of 
length. Hence any connection must be determined experimentally. 
Now for purposes of trade and science alike, volumetric measurements 
of both gases and liquids are extensively used. But whilst it is difficult, 
and often extremely so, to determine accurately the capacity of a 
hollow containing vessel by direct measurement of its internal dimen¬ 
sions, it is relatively easy to determine with accuracy the mass of a 
given liquid required to fill the vessel. Hence it is not surprising that 
volumetric units have come into use which arc not defined with reference 
to length, but to the volumes occupied by specified masses of a given 
liquid—^usually water. Thus, for example, the gallon is the volume 
occupied by a mass of 10 lb. or 70,000 grains of distilled water, weighed 
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in air against brass weights, at 62'^ F. The gallon is not used for high 
})rceision measurements. A litre is defined as the volume occupied by 
a mass of one kilogram of pure water at its temperature of maximum 
density and under normal atmospheric pressure. Since the kilogram 
is not exactly equivalent to lOOO c.c. of water, the litre, as defined 
above, is independent of the metric units of length. The most probable 
value for the litre in terms of the cubic centimetre is 

1 litre -100()-()27 c.c. ; 

the estimated error does not exceed one unit in the third decimal place. 

Whilst for most purposes the cubic centimetre may be regarded as 
one-thousandth ])art of a litre, the Joint Committee for the Standardisa¬ 
tion of Scientific Glassware in 1924 unanimously recommended that, 
to avoid confusion, the thousandth part of a litre should be referred to 
as the millilitre or mil (ml.), and that standard volumetric glassware 
should be graduated in terms of litre and millilitre rather than of litre 
and cubic centimetre—a very sensible and logical procedure. 

The use of metric weights and nu^asures was legalised in Great 
Hritain in 1897, and the connection between the metric and British 
sj^stems is as follows : 

1 litre -1 •7(»()77 pints, 

- 0-220097 gallon ; 

1 gallon ==70,000 grains of water, 

= 277-274 cubic inches, 

= 4-5484 litres. 


By density is understood the mass of %mii volume. In the e.g.s. 
system it is the mass in grammes of 1 c.c. of a substance. In the ease 
of gases, however, the unit of volume chosen is frequently the litre, as 
the mass of 1 e.e. is so small (sec p. 116). The term specific gravity 
expresses a ratio, which is frequently termed the relative density. It 
represents the number of times heavier a substance is- than an equal 
volume of water at the same or at another specified temperature. 
Thus, whilst /I 35 indicates the mass in grammes of unit volume of a 
substance at 15® C., the symbols or and or 15 *^ 4 , 

indicate that, bulk for bulk, the substance is S times as heavy at 15® C. 
as water at 15® C. or 4® C. respectively. ’The actual numerical difference 
between these two sets of figures is small at or near the ordinary 
temperature. For example, if the density at 15® C. of a substance is 
given as 5-0000 grammes per c.c., the specific gravity at 15® C, relative 
to water at the same temperature will be 5-0~0'999126 or 5-0044, since 
the density of water at 15® C. is 0-999126, whilst the specific gravity at 
15® C. with reference to water at 4® C., i,e, is 5-0000, or numerically 
equal to the density at 15® C., since the mass of 1 c.c. of water at 4® C. 
is almost exactly one gramme. 

Sometimes it is convenient to express gaseous densities relatively 
to the air. Under normal conditions of 760 mm. pressure and 0 ® C., 
the weight of a litre of air varies, as a rule, between 1-2927 and 1-2933 
grammes, the variation being attributable to the fact that the air has 
not a perfectly constant composition. For this reason it is useless to 
determine with great accuracy the density of a gas relatively to air 
unless the composition of the latter is simultaneously ascertained. 
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For most purposes a mean value of 1*2980 at 0° C. and 760 mm. will 
be a suOieiently aoeurate figure to ado])t. 

The itn (Tse of density is termed specific volume, which is thus 
tlu^ volume of unit 'mass. 

For vajKnirs and gases the litre is fr(‘quently chosen as the unit of 
volume, and the densities are defined as the masses of a litre of the 
substan(‘es nnd(T well-defined conditions (p. 116). 

By specific surface is understood the surface area of unit volume. 
For (‘xainplc, the surface of a sphere is given by 477/^ and its volume 
by whence 

^ -n n f U ^ ^ 

Specific surface of sphere = -—^ 

^ ^ r cl 

In other words, a sjihere of radius 3 cm. or diameter 6 cm. has unit 
S})ecifi(? surface. Similarly it may be shown that the specific* surface 
of a (*ub(* is 6/7, so that a cube with an edge 6 cm. long also has unit 
sjieeilic* surfa(‘c. To obtain a large s])eeili(* surface it is essential to 
reduce at least oiu^ dimension. When this is done very thoroughly a 
film is ])rodiie('d. Beduction of two dimensions leads to a thrc'ad, 
w'hilst reduction of all three dinu'nsions leads to the formation of fine 
particles. The following table show^s the enormous increase in S])eeilie 
surface undergone by a cube of unit volume when decimally divided 
into smaller cubes : 


liOngih of Cuho 
Edge, 

1. 

Number of 
Cube's, 
n. 

♦Specific Surface, 

or 

1 cm. 

1 

6 sq. cm. 

1 mm. 

103 

60 

1 /X 

10^2 

6 sq. metres. 

1 mi 

1021 

6000 

() 0<H fin 

]()30 

6 sq. kilometres. 


It is clear that the specific surface is a factor of very great importance 
in many chemical and physical changes. For example, the purification 
of sugar wuth charc^oal is largely a surface phenomenon. A manu¬ 
facturer might purchase one cubic metre of charcoal consisting of, say, 
small cubes of I mm. edge. The total area wuuld thus be some 
6 ()()() square metres, assuming no porosity. If, however, his granules 
had an edge of 1 fx, the total area would be some 6 million square metres, 
and the charcoal would thus be about 1000 times more active. The 
dependence of chemical activity upon the areas of the reacting bodies 
may be stated in terms of Wenzel’s Law, namely that 

the amount of chemical change in unit time is jyroportional to the 
absolute surface. 

Units of Time. —The usual scientifuj unit of time both in the 
British and Metric systems is the mean solar second. It is usually 
defined as one 86,400th part of the mean solar day. The ordinary 
solar day is the somewhat variable interval of time between two 
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successive transits of the sun across the meridian, and the mean solar 
day is the average interval between the successive transits of the sun 
across the meridian of any one place during a whole year. The sidereal 
day is the interval between two successive transits of the first point 
of Aries—one of the fixed stars - across any selected meridian, and is 
thus practically represented by the period of (‘omplete axial rotation 
of the earth with respect to the fixed stars ; it is very slightly shorter 
than the mean solar day, comprising 28 hours, 5G minutes, 4-09 seconds. 
It is used as a unit of time in astronomi(‘al work. The mean solar 
second is one 86,164’09th part of a sidereal day. Units of time based 
on the rate of rotation of the earth, however, are open to the objection 
that the rotation may not be perfectly constant. There is reason to 
believe that it is gradually, though at j>resent inappreciably, slowing 
down, so that the day is gradually growing longer. 

By velocity is understood the rate at which a point changes its 
position^ and in order to measure its magnitude two facts must be 
known, namely the distance travelled and the time taken. Uniform 
velocity, w, in any given direction is measured by the distance, /, 
travelled over in a given time, 6. Whence 

u=^lld. 


By inserting the symbols for these units, the expression becomes : 

If I and 0 are each unit}^ u must also be unity and we obtain the 
dimensional equation 

[U]=[L.T-iJ. 

The unit of velocity is thus a derived unit, of dimensions [L . T"^]. The 
e.g.s. unit is 1 cm. per second. 

Acceleration is change in velocity, W4ien positive, the velocity 
increases ; when negative, the velocity decreases. Negative accelera¬ 
tion is thus a retardation or slowing up. Uniform acceleration is 
measured by the change in velo(‘ity of a particle in unit time. Thus, if 
a particle is moving with a velocity % at any given instant, but changes 
its velocity to % during the time 0, the acceleration, a, is given by the 
equation 

where % is the change in velocity. 

From this it is easy to derive the dimensioiial equation 

[A]=[UJ[T-M. 


Substituting for the derived unit of velocity in the dimensions found 
above, it follows that the dimensions of acceleration are 

[A]=[L.T »]. 

Acceleration is thus cx})rcsscd in terms of distance travelled per se(‘ond 
per second or per sec.^ 

In the foregoing it has been tacitly assumed that the particle under 
consideration has moved in a straight line, that is, without change of 
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direction, A moment’s consideration will show that if, for exam|3le, 
the movement of a point on the end of the hand of a clock be described, 
the description must vary according to the way in which we view the 
motion. The point certainly moves over equal spaces in successive 
equal times, otherwise as an indicator of the passage of time it would 
be of little value ; its velocity is therefore uniform. On the other hand, 
the direction of its velocity is continuously changing, so that from this 
point of view the velocity is variable. The speed with which the point 
moves round the circular face of the clock, divided by the radius, r, 
gives its angular velocity, w, that is, 

u 

CO 

r 

The unit of angular velocity is one radian pt^r second. A radian is the 
angle subtended at the centre of a circle by an arc of length equal to 
the radius ; it equals 57-290*^. The unit of angular acceleration is 
in consequence one radian per sec.^ 

Acceleration due to Gravity.—Every substance possesses what is 
termed ‘‘ weight ” ; this is only another way of saying that every 
substance is attracted to the earth. Now if a ])ody a small distance 
above the surface of the earth is allowed to fall freely, exf)eriment 
shows that it moves with a constant acceleration, designated as g. 
Since the earth is not a perfe(‘t sphere, but is flattened somewhat at 
the poles, the value for g rises as we travel north from the equator ; 
but the particular value at sea level and latitude 45" N has been 
chosen as the standard—a purely arbitrary one. A line joining Turin 
(Italy), Bordeaux (France) and Ottawa (Canada) would lie on this 
latitude almost exactly, and at sea level the ^'alue for g is 980-617 
cm./sec.2 or 32*172 feet/see.^ The value for g likewise falls when a 
body is raised up above sea level, as the body is then further from the 
centre of the earth. The connection between g, latitude and height 
above sea level is given by Helmert’s formula as follow^s : 

g -980*617 -2*593 cos 2A - 0 0003080/i, 

whei’e A is the latitude and h the height in metres above sea level. 
The value of g as calculated in this manner agrees fairly well with the 
observed values for many latitudes, although in the neighbourhood of 
large mountain ranges, such as the Himalayas, some discrepancy occurs. 
In the table o])posite are given the values calculated for g at several 
places. 

Newton’s First Law of Motion states that 

every body continues in its state of rest or of uniform motion in a straight 
line unless acted upon by some external force which compels it to change 
that state. 

As no formal proof, experimental or otherwise, can be given to the 
foregoing statement, it is clear, from the definitions of law and hypo¬ 
thesis already given (see p. 2), that strictly speaking this should be 
termed a hypothesis rather than a law. Common usage, how^ever, 
compels us to refer to it as a law.” The reason we cannot demon¬ 
strate expeiimentally its truth lies in the impossibility of getting rid 
of all external forces during the motion of a body. An approximation 
to this state may be realised by projecting a smooth piece of hard dry 
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Latitude, 

A. 

Height above 
8ea Dwel, 
k (metros). 

(/• 

North ik)lc .... 

o ! n 

90 0 ON 

0 

983-210 

diristiania Observatory 

59 54 42N 

25 

981 OO 

Aberdeen lJni\’ersity 

57 8 58N 

21 

981*08 

(dasgow University 

55 52 ;J1 N 

U) 

081*50 

Uo])enhageu Ol)servatory 

55 41 12N 

11 

081 *50 

Manclicster UnivcTsily . 
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Sydney Observ atory 
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u 

070-03 

C ape Towj^ .... 

33 50 OS 

12 
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i(*e upon a level and smooth sheet of ice. The only forces acting on 
the piece of ice in the direction of its motion are the resistance oJ‘ the 
air and the friction between the ice surfaces, and the k^ss the magnitude 
of these factors the further the piece of i(*e will travel. Newton’s 
hypothesis adapted to this special case is a kind of extraj^olation ; it 
states that if the ice surfaces were perfectly smooth and if there were 
no resistance from the air and no other forces acting on the detached 
piece of ice, the ice would trav el for ever iji a straight line with uniform 
velocity. A very powerful argument in favour of the validity of the 
hypothesis lies in the fact tliat it is one of the pillars of the science of 
Dynamics, and hence of Astronomy. As the theoretical solutions we 
obtain to problems, applying this “ law,” agree with observation, we 
conclude that our fundamental assumption must be correct. 

Newton’s First Law provides us with a convenient conception of 
Force, explaining it as that which tends to produce a change of motion 
in a body on which it acts. We also gather from the law that a body has 
no innate tendency to change its state of rest or of uniform rectilinear 
motion. This is termed the Principle of Inertia, and we say that 
every body has inertia. 

Newton’s Second Law of Motion gives us a method of measuring 
force. It states that 

tfie rate of change of'momentum of a body is 'jjrojjortional to the impi'essed 
force and takers place in the direction of the straight lim in which the force 
acts. 

The product of mass and velocity gives us the quantity of motion ” 
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or momentum of a body. The dimensions of this quantity are 
[M. L. T~^], and in the c.g.s. system momentum is expressed as gramme- 
centimetres })er second. Any change in the momentum of a body must 
therefore be due to a change in velocity, since the mass remains con¬ 
stant, and hence the rate of change of momentum must be given by 
the product of the mass and acceleration. In other words, denoting 
the impressed force by /, 




from which the following dimensional equation may easily be derived : 

[FJ=[L.M.T-2]. 

In the c.g.s. system the unit of force is the dyne (Greek dynamis, 
power), and is vSuch as will produce an acceleration of one cm. j)cr sec. ^ in 
a mass of one gramme. As this unit is very small, the gravitational unit 
is frequently employed, namely the weight of one gramme at sea level and 
at a latitude of 45°. This is equal to 980*C dynes, so that a dyne is 
very nearly equal to the “ weight ” of a milligram. 

In the foot-pound-second system the unit of force corresponding 
to the dyne is the poundal. It is a much larger quantity than tlie 
dyne, and the relationship betw^een the two can readily be (*alculated 
by making use of their dimensions. If [L], |M] and [T] refer to the 
dimensions of the dyne, and [L^], [Mj] and [Tj] refer to those of the 
poundal, then 

Po^dd _ rL {\[M i" [ ^“1 
Dyne ~LlJLm*. LTi^J’ 


[Lj/L] is the ratio of the foot to the centimetre, namely 30*480 ; [.M^/M] 
is the ratio of the pound to the gramme, namely 453*59 ; ["P/T j is unity, 
since the second is the unit of time in both cases. Hence the number 
of dynes equivalent to a f)oundal is the product of 30*480 and 453*59, 
or 13825*5 (approx.). 

The gravitational unit of force in the British system is the weight 
of one pound, and is equal to 32*172 poundals, since g at sea level and 
45° latitude is 32*172 feet/sec. ^ 

It will be noted that the dyne and the poundal are absolute units 
of force. They do not depend upon the value of g, which varies with 
the locality, whereas the gravitational units, namely the gramme weight 
and pound weight, do vary with this quantity. 

Weight and Mass.—It is essential to distinguish carefully between 
weight and mass. Weight is a force and is expressed numerically by 
the product of the mass of a substance and the acceleration, g, due to 
gravity. We may write, therefore, w^mg. The weight of a substance 
is thus liable to vary with the locality, whereas the quantity of matter 
it contains, that is, its mass, remains unaltered. Thus, a mass of, say, 
platinum, weighing one kilogram in London, would have no weight at 
the centre of the earth, since the effect of gravity there is zero; but 
if it happened to be in motion there, the same force would be required 
to stop it as would be necessary on the surfa(*o of the earth, for its 
mass would be unaltered. 

From the definition just given it is evident that the weight of 
a substance at any one place other than the centre of the earth 
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proportional to the mass of that substance, and independent of the kind 
of matter eomposing the substance. We can therefore make a direct 
comparison of the masses of two substances by comparing their weights. 
For this purpose instruments known as balances are used. 

Pressure is force per unit area. In the c.g.s. system the unit of 
pressure is termed the bar (Greek haros^ weight), and represents the 
force of one dyne acting over an area of one sq. cm. This unit, however, 
is very small, and is sometimes replaced by the megabar, which 
represents 10® dynes per sq. cm. Frequently high pressures are 
measured in terms of the weight of a kilogram per sq. cm,; that is 
equivalent to 980,617 dynes per cm. or 0*9806 megabar at sea level 
and latitude 45®. Another convenient unit of pressure is that termed 
an atmosphere. 

That the air possesses weight was first recognised apparently by 
Jean Rey, c. 1630, an observation that was confirmed by Torricelli in 
1643 and by Pascal in 1648. Rey made his discovery by observirjg 
that tin, on cal(*ination in air, increases in weight, and thus anticipated 
the results of Lavoisier by nearly a century and a half. Torricelli 
tackled the problem in an entirely different manner. He filled with 
mercury a glass tube, closed at one end and measuring some 3 feet in 
length. When the tube was inverted with its open end dipping under 
mercury in a trough, it no longer remained filled with the liquid. It 
held a column of mercury some 30 inches in height, but above this 
was empty. This space came to be known as the Torricellian vacuum, 
and its discoverer correctly attributed its formation to the fact that the 
open air acting on the surface of the mercury in the trough is able to 
su})port by its pressure a column of mercury of definite length, and no 
more. Pascal extended Torricelli’s experiments by employing tubes 
filled with other licjuids such as oil, alcohol and water. In every case 
he found that the height of the column of liquid supported by the air 
was inversely proportional to the density of the liquid ; in other words, 
the weight supported was constant, and irrespective of the chemical 
composition of the liquid. Pascal also surmised that if air is a ponder¬ 
able fiuid, it will exert a greater pressure at sea level than on the top 
of a mountain, and that this difference should be capable of measure¬ 
ment by observing the relative heights of mercury columns in such 
situations. Experiment proved this to be the case. Boyle christened 
Torricelli’s tube, containing mercury, a barometer (Greek haros, 
weight, and metron, measure), and it is customary to express the 
pressure of the air in terms of the height of the column of mercury 
which the air is capable of supporting at the particular moment. 

The pressure of the air, as already mentioned, varies with altitude; 
indeed, at one and the same place it does not remain constant in con¬ 
sequence of variation in composition, the influence of wind, etc. A 
standard pressure, known as an atmosphere^ has, however, been chosen. 
The British unit is the pressure of a column of mercury 29*905 inches 
in height, measured at 32® F, in London, and is 14*697 lb. per square 
inch. The metric unit is the pressure of a column of mercury 760 mm. 
(29*921 inches) in height, measured at 0° C. at sea level at latitude 45°. 
Since the density of mercury is 13*5955 at 0° C., the pressure of the 
normal atmosphere is equal to the weight of 13*5955 x76 or 1038*258 
grammes. To convert this to dynes we multiply by 980*617, which 
gives 1,013,240 dynes. 
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From the foregoing it follows that 

1 atmosphere (metric) =1,018,240 dynes per sq. cm. 

= 1*01824 megabars 
= 1033*26 grammes „ 

and 1 megabar =0*9870 atmosphere, 

1 kilogram per sq. cm. =0*9678 „ 

The British atmosphere is 0*09968 that of the metric unit. 

Pressure exerted by the atmosphere as a result of the earth’s 
attraction is static. Another kind of pressure must now be considered, 
namely that which occurs as the result of collision or impact between 
moving bodies. This is dynamic in character, but it (;an be expressed 
in the same units as static pressure. Sup})ose, for example, a ball of 
mass m moving with a velocity ii strikes a wall perpendicularly. Its 
velocity is reduced to zero, so that it has suffcTcd a negative acceleration 
t/. If both ball and wall are ])erfectly elastic*, the ball rebounds, 
following its original track with a velocity but in the opposite 
direction. Its acceleration is again u. The total acceleration is thus 
2u, so that the force exerted upon the target was m x 2 m or 2mu, that 
is, twice the original momentum of the ball. These considerations are 
of special importance in connection with the kinetic theory of gases 
(sec Chapter III). 

The Balance. —Some kind of balance must have been in use from 
very remote ages for purposes of trade, and the desire of the Eastern 
trader for a true balance is indicated by sev(‘ral passages in Holy 
Writ; thus—“ A false balance is abomination to the Lord ; but a 
just weight is His delight’* (Prov. xi, 1). During the Middle Ages 
scientists appear to have been able to weigh substances with very 
considerable accuracy, for three Arabian glass (.'oiri weights o(‘ a.o. 780 
have recently been re-weighed and found equivalent to 2*1165, 2*1167 
and 2*1168 grammes respectively, the maximum error thus being only 
8 in 20,000. Further, the Arabian A1 Khazini, in 1121, wrote a book 
entitled The Book of the Balance of Wisdom in which he discussed the 
balance and gave the density of lead as 11*33, a value we accept to-day 
[Cohen and Heldermann (1915) give 11*3299 at 25° C.]. 

It is to Lavoisier, however, that the credit is usually given of 
installing the balance in its proper place in the technique of chemistry. 
Without its aid modern physical chemistry could not exist. 

Requisites of a Good Balance, —The common balance as used by the 
chemist consists of a rigid beam made of some incorrodible, non¬ 
magnetic metal, to which are attached tw^o scale pans, at equal distances 
from the fulcrum at the centre of the beam. The balance is thus a 
lever of the first class, and to be of value it must fulfil the following 
conditions : 

(i) The balance must be true ; that is, when equal masses are placed 
in the scale pans the beam must remain horizontal. Variation in the 
value of g for different localities makes no difference, as each pan is 
affected to the same extent. 

(ii) The balance must be sensitive^ so that a small difference in the 
masses in the two scale pans shall cause an ap])reciable inclination of 
the beam to the horizon. If Mi and Mg are the two masses in the scale 
pans, and 0 the angle of inclination of the beam, the sensitiveness of 
the balance is easily seen to be measured by tan 0/(J/i - A/g)* 
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general tan 0, and thus the sensitiveness of the balance, is increased 
by having a long but light beam, and by reducing as far as practicable 
the distance of the centre of gravity below the central knife-edge or 
fulcrum. 

(iii) The balance must be stable^ so that, after disturbance, the 
beam returns to its horizontal position. 

There is a further point, of practical importance, namely that the 
balance must not take an undue time in returning to rest. To a certaint 
extent this conflicts with great sensitiveness in that rapidity of move¬ 
ment is facilitated by the use of a short beam and a greater distance 
between the centre of gravity and the fulcrum. In practice a com¬ 
promise is effected. 

Work.—A force is said to do work on a body when its point of 
application moves in the direction of the force. The amount of work 
done, Wy is measured by the ])roduct of the im])resscd force, /, and the 
distance, Z, through which its point of application moves. Thus 

from which it follows that the dimensions of work are [L^ lyf ^ T~^], 

In the e.g.s. syst(‘m the unit of work is termed the erg (Greek ergon, 
work). It is the work done when a body acted upon by a force of 
one dyne moves through a distaiujc of one centimetre in the direction 
of the force. Since the dyne is nearly equal to the force with which 
the earth attracts one milligramme (p. IG), on raising a milligramme 
through 1 cm. approximately I erg of work is done. The erg is thus a 
very small unit, and for many purposes it is convenient to use IG^ ergs 
as the unit, and this is termed a joule. In the British system the unit 
of work is the foot-poundal, equivalent to 4*214 x 10^ ergs. 

The rate at which work is done, that is, the amount of work done 
in unit time, is termed power; in the e.g.s. system the practical unit 
of power is the watt or joule-second, equal to 10’ ergs per second. 
The British unit is the horse power, of 550 foot-pounds per second, 
equivalent to 746 watts. 

Energy is the capacity for doing work, and is of two kinds, namely 
kinetic and potential (Greek kined, I move; and Latin potens, 
powerful). A body in motion possesses kinetic energy, which is 
measured by the amount of work the body can do before its velocity 
is destroyed. Suppose, for example, that before a body of mass w, 
moving with velocity u, is brought to rest, a force / has acted on it 
through a distance 1; it follows that the work done by the body is /Z. 
The negative acceleration of the body, which has lost a speed u in the 

. . TTIU^ 

distance Z, is w*/2Z; the force is therefore -j-, and the kinetic energy, 
which is measured by the work the body can d^, is 

It is necessary to distinguish carefully between the kinetic energy 
of a moving body and its momentum. Thus, a ball of mass 10 grammes 
moving with a velocity of 1000 cm. per second posse.sses | x 10 x 1000^ 
or 5,000,000 ergs of kinetic energy. Its momentum, however, is only 
10 xlOOO or 10,000 gramme-cm. per second (see p. 16). 
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The potential energy of a body is measured by the work it can do in 
virtue of its position in passing from its present state to one of zero 
condition. For example, a mass m, raised to a height h above st'a level, 
possesses potential energy equivalent to mgh. 

Temperature.—The melting point of pure ice under a pressure of 
one atmosphere is defined as 0 on the Centigrade scale (Latin centum, 
hundred; gradus, stc})). The “freezing point ” of water is not chosen, 
as water may easily be supercooled ; but ice is not liable to ovxrheating. 
The boiling point of water under the normal atmospheric pressure (see 
}). 17) is chosen as 100 on the same scale, the temperature interval 
being divided by use of the constant volume hydrogen thermometer 
into 100 parts, termed degrees Centigrade. Temperature is thus de¬ 
fined independently of length, mass and time, so that dimensions arc 
not required. 

The unit of heat is the gramme-calorie, that is, the amount of 
heat required to raise one gramme of water through one degree Centi¬ 
grade. As this amount varies very slightly it is usual, in accurate 
work, to specify the temperature of the water. Thus the 7^^" calorie 
is the quantit}'^ of heat required to raise one gramme of water at 
11*5° C. to 15-5° C. see p. 211). This is equivalent to 4*184 x 10’ ergs 
or 4*184 joules (sec Vol, II), an expression known as the mechanical 
equivalent of heat. Conversely, 1 joule ^-0*2889 gramme-calorie at 
15° C. or 0*2892 at 20° C. 

The Litre-atmosphere.—It is frequently convenient to know the 
amount of work that must be done in order to displace the atmosphere 
to the extent of a litre. In a chemical reaction, for cxam])le, in which 
a gas is liberated, how much work must each litre of gas do against 
the atmosphere to make room for itself ? Clearly the work is equal to 
that done when an area of one square centimetre is raised against 
atmospheric pressure to a height of 1000 cm., 

= 1000 X 70 X 18*590 x 980*6 ergs, 

= 10*188 X 10® ergs, 

= 10*188 X 10®™4*18 X 10’ gramme-calorics, 

= 24*24 gramme-calories. 

The Conservation of Mass.—The quantitative study of chemical 
changes has led to the formulation of a fundamental law, which a})plies 
to all changes, both physical and chemical. This is the Law of the 
Conservation of Mass ; it may be stated in the form 

tiie 7nass of a system is unaltered by any change that occurs xoithin it, 
or 

in a cheynical change the total mass of the substances that disappear is 
equal to the total mm\s of the substances produced. 

For example, referring to one of the changes already mentioned, the 
mass of the mercuric sulphide formed is precisely equal to the sum of 
the masses of the mercury and sulphur that disappear. In the chemical 
change that takes place when carbon burns in air, the law does not 
appear, at first sight, to hold. This, how^ever, is due to the fact that 
two of the three forms of mattcT concerned in the change, namely the air 
and the oxide of carbon produ(!ed by the (jombustion, are colourless 
gases. When the diminution in the mass of the surrounding air is 
determined, and also the mass of the gaseous substance produced, it 
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is found that the latter exceeds the former by exactly the mass of the 
carbon that disappears. 

The discovery that, in the formation and decomposition of mercuric; 
oxide, the combined masses of the mercury and oxygen taking part in 
the changes are ecpial to the mass of the mercuric oxide, is due to 
Lavoisier, who was the first chemist to emm(;iate the law. It is not 
difficult to realise that such a law should have escaped the attention 
of the early (;hemists, unacquainted as they were with the existence 
of different gases, and unaccustomed to placing any reliance on measure¬ 
ments of mass (or weight) in interpreting the nature of chemical 
changes. 

Since, as we have already seen, the weight of a substance is pro¬ 
portional to the mass, the foregoing law may also be stated in the form 
that 

the total weight of a system is unaltered by any change that occurs 
within it. 

This law is tacitly assumed to be true every time we attempt to balance 
a (;hemi(*al equation, and it has never yet failed us. Nevertheless, it 
should be clearly understood that the law rests upon a 2 )urely exj^eri- 
mental basis and can therefore never be j^roved to be valid cxcej)t 
within the limits of unavoidable exj^erimental error. The indirect 
evidence of the validity of the law is su 2 q)lcmented by the results of 
direct exi^eriments, esiiecially undertaken with the object of jDutting 
the law to the test. Four different reactions were studied by Landolt 
in 1893 with the greatest care, the method einj^loyed briefly being as 
follows: The materials used in a reaction were contained in the limbs 
of a sealed, inverted U-tube, which, after being wxaghod against a 
similar eounterj)oise, containing the same ingredients in similar amounts, 
was righted in order to mix the materials and cause the reaction to take 
place. The weight was then observed again. The contents of the 
counterjioise were then mixed, and a third weighing made. The 
conclusion finally reached by Landolt (1831 to 1910), the patriarch 
of 2 )hysical chemistry,” was that in these reactions there was no differ¬ 
ence between the masses of the systems before and after chemical 
change greater than could be attributed to error in weighing. The 
latter was usually less than 0-02 mgrm., the masses of the reacting 
systems ranging from about 100 grms. to 300 grms. The four reactions 
studied were as follows : 

(i) Silver sulphate and ferrous sulphate : 

AggSO^ + 2 FeS 04 = 2 Ag + Fe 2 ( 804 ) 3 . 

(ii) Hydriodic and iodic acids : 

5HI+HI03=3H20+3l2, 

(iii) Iodine and sodium sulphite ; 

Ig + 2 Na 2 S 03 =2NaI -f NagSgO^, 
or 

Ig NagSOg + HgO == 2HI + Na2S04. 

(iv) Potash and chloral hydrate : 

KOH + CCl8.CHO,HgO ^CHClg +H.COOK +H 2 O. 
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The reactions thus were fairly simple and not accompanied by great 
heat evolution. In these experiments the law was found to be accurate* 
to at least one part per million. 

Further evidence of the great accuracy of the law is afforded by 
the results of recent atomic weight determinations, which show remark¬ 
able agreement amongst themselves (see pp. 29, 30). 

Although, as will be explained later (Vol. II), there is reason to 
believe that the law is not absolutely exact as it stands, we do know 
that any changes in mass that occur during the course of chemical 
reactions are far too minute to be of any practical importance to the 
chemist. The Law of the Conservation of Mass may therefore be 
classed among the exact laws. 

The Conservation of Energy.—Corresponding to the principle 
of the conservation of mass there is another fundamental physical 
principle concerning energy. The general statement of the principle 
of the Conservation of Energy is as follows : 

The total energy of any material system is a quantity which can rieither 
be increased nor diminished by any action between the parts of the system, 
though it may be transformed into any of the forms of which energy is 
susceptible. 

The energy content of the products of a chemical change is, in 
general, however, different from that of the starting materials, and this is 
manifested as a rule by the evolution or absorption of heat during the 
reaction. This phenomenon will be discussed in some detail in a later 
chapter. 

The total quantity of energy in the universe is usually regarded as 
constant, but it is not all available to man for doing work. During 
every transformation some energy is converted into heat, which be¬ 
comes xmiformly diffused and is therefore generally regarded as being 
unavailable, inasmuch as further change is deemed impossible. If this 
he granted, it is clear that the total available ener^ is steadily diminish¬ 
ing, while the unavailable energy is as steadily increasing, and a time 
must come when all the available energy of the universe will become 
unavailable, the universe itself becoming a uniformly hot, inert mass. 
This doctrine is known as the Dissipation of Energy. The fact, 
however, that we are not at present acquainted with any method of 
rendering uniformly diffused heat available does not necessarily imply 
that it is actually incapable of being rendered so ; and it may W'ell be 
that, by processes not yet understood, the so-called unavailable energy 
is being continuously transformed into available energy, so that the 
universe may never reach the state of equilibrium and inertness re¬ 
ferred to above. 

It is, of course, impossible to prove the absolute accuracy of this 
law, but experience shows that it must be almost absolutely true in 
so far as terrestrial reactions are concerned. 

Relationship of Mass to Energy.—^According to modern views, 
which are more thoroughly discussed later on (Vol. II), matter is 
composed only of positive and negative electricity. It has been cal¬ 
culated that when matter loses energy it loses also a certain amount 
of mass, and, conversely, that when matter absorbs energy it gains 
proportionately in mass. In other words, a body possesses greater 
mass when it is in motion than when at rest, or when it is hot than 
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when it is cold. The relation between the two is given by the expression 

-1-111 xl0~2id!£’, 

where dm and dE re))rcseut the changes in mass and energy respectively. 
Hence a body emitting radiant energy loses mass to the extent of 
1-111 X10" 21 gramme for every erg radiated. 

An example will make this clear. When gaseous hydrogen and 
oxygen unite to form liquid water, a certain amount of energy is 
evolved as heat in accordance with the equation 

(Hg) + (0) =1120+68,400 calories. 

Since 1 grrn.-calorie is equivalent to 4-2 x 10^ ergs, the total loss in 
mass during the formation of a gramme-rnoleeule of water is 

68,400 X 4-2 X10’ X1-111 X lO'^i gramme, 

= 3-19 xlO grajnme. 

This quantity is far too small to be capable of experimental verification. 
Nevertheless, it is a delinite amount, and to this extent the laws of 
the conservation of mass and energy, as enunciated separately, are not 
absolutely correct. By coupling the tw^o laws together, however, wc 
obtain the statement that the sum total of the mass and energy of a 
system is unaltered by any change that occurs within the system, and this, 
so far as wc know, is absolutely true. 

Le Chatelier’s Theorem (1884) may be mentioned here on 
acx’ount of its great imf)ortance and wide applicability to all systems, 
whether chemical or physical. The theorem is usually stated as 
follows ; 

If a system in equilibrium is subjected to constraint by which the 
equilibriufn is shifted, a reaction takes place which tends to annul 
the constraint. 

For example, when common salt dissolves in water there is a small 
but definite contraction in volume. By increasing the pressure, there¬ 
fore, the solubility of the salt is increased, so that a greater contraction 
in volume takes place (see p. 369). Many other examples are dealt 
with in succeeding pages. 



CHAPTER II. 

THE ATOMIC THEORY. 

f 

As early as 3200 b.c. the Hindoos had concluded that matter was 
discontinuous, being composed of minute particles separated from each 
other by empty space. Cohesion was explained on the assumption 
that the particles attracted one another. 

The Greeks either borrowed this view or independently arrived at 
similar conclusions, adding the suggestions that the parti(*les wci*e 
indestructible and always in motion. The particles were called atoms 
(Greek a not, temno I cut) or ‘‘ indivisibles.” Democritus (400 to 
360 B.C’.) appears to have been the first Grecian philosopher to develop 
these views. At the time they were very unpopular, but in later years 
they were revived by the Epicureans. 

Lucretius, at the end of the first century of tlic Christian era, 
expressed views which sound very similar to those current to-day. A 
solid he regarded as atoms squeezed closely together; a liquid as 
similar atoms less closely packed ; and a gas consisted of but few atoms 
with much freedom of movement. The atoms were imperishable, aifd 
always in motion ; and on the manner in which they combined de¬ 
pended the properties of the substance formed. 

Coming down to later times, an atomic theory of matter was very 
much in vogue in the seventeenth century, and for various phenomena 
explanations based on the theory were largely sought by Bacon, Boyle, 
Hooke and others. Newton, in 1675, went so far as to show, on the 
assumption of the atomic composition of matter, that Boyle’s law for 
gases must necessarily follow. 

The development of quantitative ideas concerning the combination 
of atoms did not really begin, however, until the close of the eighteenth 
century, when two Irish chemists, Bryan Higgins (1737 to 1820), and 
particularly his pupil and nephew William Higgins (1769 to 1825), 
endeavoured to arrive at a knowledge of the number of atoms or 
ultimate particles which united chemically to form single ultimate 
particles of new compounds. Influenced by the principle which Newton 
had laid down that the particles of any one gas arc mutually repellent, 
these workers arrived at the view that chemical combination would 
most readily occur between a single ultimate particle of one substance 
and a single ultimate particle of a second different substance. Thus a 
single particle of an acid united in all cases with one alkaline particle, 
and was unable to take up a second, because the first alkaline particle 
repelled the second and prevented combination. William Higgins, 
however, recognised combination in multiple proportions, though he 
held that the union of a single particle of each component substance 
resulted in the formation of the compound of greatest stability. 

24 
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l"hesc views are similar to those at which John Dalton arrived some 
years later. The exact origin of Dalton’s Atomic Theory was contested 
throughout the nineteenth century, but a survey of the evidence renders 
it almost certain that Dalton formulated an atomic theory from the 
experiments made by him, prior to 1803, on the purely physical proper¬ 
ties of gases. This conclusion was reached by Iloscoe and Harden in 
1896 as the result of studying Dalton’s laboratory note books preserved 
by the Literary and Philosophical Society of Manchester. It is contrary 
to the earlier view, held generally by Dalton’s contemporaries, that the 
theory was devised to account for the observed facts of combination 
/n multiple proportions (see p. 28). 

Dalton’s Atomic Theory may be summed up briefly as follows : 

1. The atoms of any one element arc all alike, and possessed of a 

delinite and characteristic mass. They differ from the atoms 
of any other clement both in their physical and their chemical 
properties. 

2. Chemical compounds are formed when the atoms of two or more 

elements unite in simj)le numericial proportions. 


From this it is evident that an atom is the smallest j)art of an clement 
that can take part in a chemical reaction. The smallest part of a 
com])ound that can exist must contain at least two atoms, and is 
termed a molecule (dim. of Latin moles^ mass), in accordance with 
the suggestion of Cannizzaro. As exx)lained later, the relative weights 
of the atoms of the elements are expressed in terms of one of them 
chosen as standard and are known as the atomic weights. Molecular 
^weights are the sums of the weights of the atoms comprising molecules. 

Symbols and Formulae. —Symbolic chemical notations have been 
in use from very early times, but these were purely qualitative in 
character. A few of the symbols 
used by the alchemists are shown 
in fig. 1. Thus gold was represented 
by a- circle denoting the sun, gold Gold 
being regarded as the ‘‘ king ” of * 
metals. The crescent moon denoted /\ 
silver, and the idea survives in the 
term lunar caustic, denoting silver 
nitrate (Latin luna, the moon). Lead 
was designated by the scythe of 
Saturn, the part circle possibly suggesting a connection with silver. Iron 
was appropriately represented by the shield and spear of Mars, and 
copper by Venus’s looking glass. 

Dalton was the first to introduce a quantitative chemical notation. 
Conceiving the atoms as hard, impenetrable masses, he suggested 
symbols of the kind shown below : 


Silver 


o 


Fire 


FiCJ. 1.—Symbols of the Alehemists. 


-b cT $ 

Lead Iron Copper 

' “" V 

Air Earth Water 


© Hydrogen. 00 Water. 

O Oxygen. ©0 Ammonia. 

© Nitrogen. ©O© Nitrous oxide. 

• Carbon. 0#0 Carbonic acid. 

© Sulphur, 

Each symbol represents one atom, and one atom only; it therefore 
denotes a definite quantity of the particular element. By grouping 
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the necessary atoms together the composition of a compound may be 
indicated. Wliilst tliese symbols were not difficult to use when rela¬ 
tively simple substances were dealt witli, such as water and ammonia, 
whi(ih were regarded as binary compounds, they became unwieldy when 
more complex molecules recjuiretl representation. 

Ill 1811 Berzelius introduced a notation practically identical with 
that employed to-day. It consists in denoting an element by a symbol 
which is the initial letter of its name, generally in Latinised form, with 
sometimes a second letter added when several elements have the same 
initial letter. Thus carbon, copper (Latin cuprum), chlorine and caesium 
are denoted by C, (’u, Cl and Cs respectively. A lull list of symbols is 
given on pp. 35, 30. In order to attach a quantitative significance to these 
symbols, it rniglit at first appear the simplest plan to regard the symbol 
for an element as standing for one combining weight of the element. 
The formula of a compound could then be represented by waiting 
down the symbols of its constituent elements side by side, and its 
quantitative chemical composition indicated by attaching numerical 
suffixes to tlie symbols, in order to denote the relative numbers of ^ 
combining weights of each clement present. A diliiculty arises, how-* 
ever, in the compilation of a table of combining weights, since many 
elements possess more than one combining weight. Accordingly, 
instead of letting the symbol for an element denote a combining weight, 
it is chosen to represent one atom or one atomic weight of the element. 
Thus the symbols previously given stand for one atom or 12 parts 
by weight of carbon, one atom or 03*57 parts of copper, one atom or 
35*46 parts of chlorine, and one atom or 132*8 parts of ca\sium, re¬ 
spectively ; whilst the formula C^Cl^, for example, denotes a comjx)und 
of carbon and chlorine (carbon tetrachloride), in which for every atom 
of carbon there are four atoms of chlorine. The aliix unity is always 
omitted, so that the formula is written CCl^. It is clear that the 
formula 0 ,^ 01 would do equally well to denote the (*omposition of the 
substance, n being any integer. However, it is usual, whenever 
possible, to write the formula of a compound so that it represents a 
molecule, so that on adding up the weights of all the atoms represented 
in the formula, the molecular weight of the compound is obtained. 
Such molecular formulae can only be written for substances of known 
molecular weight. The molecular weight of carbon tetrachloride having 
been found to be 153*8, it is clear that the simple formula CCI 4 is also 
the molecular formula, and denotes that one molecule of the substance 
contains one atom of carbon and four atoms of chlorine. When the 
molecular formula of a compound is unknown, it is usual to employ the 
simplest formula that expresses the composition, this being termed the 
empirical formula. The empirical formula of cupric chloride is 
CUCI 2 , but its molecular weight has not been determined. 

Wlien the atomic and molecular weights of an element are both 
known, a molecular formula can be given. Thus the molecular formulae of 
mercury, oxygen and phosphorus in the gaseous state are Hg, and P 4 , 
as the molecules are monatomic, di-atomic and tetra-atomic respectively. 

By means of formulae, it is possible to express in a very concise 
manner the results of a chemical change. The formula? of the reacting 
substances are written down on the left, and connected together with 
plus signs to indicate that they have reacted together; on the right, the 
formuhe of the substances produced are written down, and connected 
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with plus signs to indicate that they are all produced together. A 
sign of equality between the two grou})s of formulae denotes that the 
substances on the left have been transformed into those on the right, 
and the neeessaiy numerical eoelFieients arc placed before the various 
formulai to make the number of atoms of each element the same on 
both sides. Such a symbolic representation is termed a chemical 
equation, and was first employed by Lavoisier as a means of expressing 
chemical reaction. When we write, for example, 

2Hg+02=-2Hg0, 

we deiinitely indicate that two atoms of mercury have united with 
one molecule of oxygen to yield exactly two molecules of mercuric 
oxide. Since, by Dalton’s Atomic Theory, the atoms of each element 
l)ossess distinctive weight, it is (flear that the above equation is strictly 
quantitative in character, and indicates that 400 parts of mercury 
(using round figures) have united with 32 parts of oxygen to yield 
432 parts of oxide, and neither more nor less. 

The Law of Definite Proportions is tacitly assumed in the foregoing 
'equation. This law is generally expressed in tlie form : 

A definite compound alwaya contains the same elements in the same 
proportions. 

It has already been mentioned (]). 2) that, whilst two substances 
possessing identical properties must have the same composition, the 
converse is not necessarily true. For example, the diamond and 
graphite are both forms of the same element, carlK)n ; their chemical 
composition is thus the same, but their properties are different, because 
their atoms are arranged differently, or in other words their structures 
are different. They are therefore called allotropic forms or simply 
allotropes (Greek alios other, tropos manner) of carbon. In a 
similar manner tw^o or more compounds of identical chemical com¬ 
position may possess widely different properties because tlieir structures 
arc different. These are known as isomers or isomerides (Greek 
isos equal, meros part). A classical example is that discovered by 
Wohler in 1828, who observed that merely on evaporating an aqueous 
solution of ammonium cyanate an organic substance, namely urea, is 
produced. Thus 


nh4.o.c:n 

I 

NH4.N:C:0 

(»«o-fonn) 


Nir, + II.N:l:0 


/NH, 

co< 

Urea 


This was an important observation, because chemists had hitherto 
believed that organic substances could only be produced by the action 
of a vital force, and could not be prepared from inanimate or inorganic 
matter in a laboratory. Thousands of experiments since 1828 have 
shown that organic chemistry obeys similar laws to inorganic chemistry, 
and that “vital force” is not essential for the synthesis^of organic 
comMunds, 

From the results of experiments on the interaction of elements and 
compounds, Richter, c. 1792 to 1794, deduced a law which is generally 
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termed the Law of Equivalent Ratios. This law may be expressed 
in the following manner : 

The ratios of the masses of two elements that combine with one and the 
same mass of a third element hear a simple numerical relationship to the 
ratios of the masses of the two elements that combine either with one and 
the same mass of am/ other element or with one another. 

It is interesting to note that this law was enunciated several years 
before the advent of Dalton’s Atomic Theory, which later afforded it 
a very thorough and satisfactory explanation. Richter showed, and 
corre(*tly explained the fact, that when two neutral salts interact, 
the resulting salts arc still neutral; and, from the fact (previously 
observed by Bergmann) that when one metal is precipitated from a 
solution of a neutral salt by another metal the resulting solution is 
likewise neutral, he also deduced that the masses of two metals 
which neutralise the same mass of an acid also combine with equal 
masses of oxygen. He further showed that the quantities of various 
bases (basic oxides) Avhich neutralise a fixed quantity of one acid are 
in the same ratios as the quantities of the bases which neutralise a 
fixed quantity of another acid. 

Richter’s experimental results wx^re only rough approximations to ♦ 
the truth, and the first experiments having any pretensions to accuracy 
which served to demonstrate t he truth of the Law of Equivalent Ratios 
were not made until sev(Tal years after Dalton’s theory had been 
published. Modern work, however, confirms the great exactness with 
which Richter’s law is obeyed. For example, analysis shows that for 
nitrogen tetroxide, ratio of the weights of nitrogen and 

oxygen is (Guye and Drougininc, 1910): 

Nitrogen : Oxygen =1 : 2*28404, 
whilst for nitrogen sulphide, N 4 S 4 (Burt and Usher, 1911): 

Nitrogen : Sulphur ~1 : 2*28901. 

Now 2*28404 : 2*28901 :: 1 : 1 * 0022 , 

and according to the law, there should be a simple numerical relation¬ 
ship between this ratio and the ratios in which oxygen and sulphur 
combine together. Analysis of sulphur dioxide shows that the ratio 
of oxygen to sulphur is 1 to 1*0020, which is practically equal to the 
preceding ratio. 

• The Law of Multiple Proportions may be stated in the following 
' manner: 

When two elements unite in more proportions than one there is a 
simple ratio between the different amounts of the first element combining 
with a fixed amount of the second element. 

The name of Dalton is usually associated with this law. Its history 
is of special interest, for it is almost certain that Dalton first of all 
deduced the law as a necessary consequence of his Atomic Theory, and 
afterwards found in the compositions of olefiant gas and marsh gas on 
the one hand, and carbon monoxide and dioxide on the other, experi¬ 
mental confirmation of his views. 

The early analyses, the results of which constituted the experimental 
basis of the Law of Multiple Proportions, were naturally somewhat 
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crude and inaccurate ; the perfection of analytical methods, effected 
since the law was enunciated, has enabled chemists, however, to submit 
the law to a more rigorous examination, and thereby to demonstrate 
its exactness. For example, gravimetric analysis of nitrous oxide 
(Guye and Bogdan, 1904) gave the following ratio : 

Nitrogen : Oxygen == 1*75100 : 1 ; 
nitric oxide (Gray, 1905) gave : 

Nitrogen : Oxygen =0*87563 : 1 ; 

and finally nitrogen tetroxide (Guye and Drougininc, 1910) gave : 

Nitrogen : Oxygen =0*43782 : 1. 

1*75100 : 0*87563 : 0*43782 

3*9994 : 2 : 1 
4:2:1 

within the limits of experimental error. 

The Law of Equivalent or Combining Weights. —The laws of 
'equivalent ratios and of multiple proportions just enunciated are really 
only part of a more comprehensive law which deals Avith the com¬ 
positions of all substances. A1 Jildaki, who died c. 1360, pointed out 
that substances do not react except by definite weights. This was a 
remarkable observation for the time, but no particular use appears to 
have been made of it; the time was not ripe. 

Experiment show^s that hydrogen combines with oxygen in the 
proportion of approximately one part by Avcight of hydrogen to 8 parts 
by weight of oxygen. Eight parts of oxygen are therefore said to be 
equivalent to (approximately) one part of hydrogen. For reasons w hich 
will be made clear later, oxygen has been chosen as our standard of 
combining weight, and the chemical equivalent or tlie combining 
weight of an element or group of elements is defined as the nwmher of 
parts by weight of that element or group of elements that can combine with 
or replace 8 parts by weight of oxygen. 

In view of the existence of the I^aw^ of Multi])le Proportions, it is 
clear that an clement may have a number of combining Aveights, which 
will be in the ratios of simple integers. The I^aw^ of Equivalent Ratios 
may now be stated in the following manner, and called the Law of 
Equivalent or Combining Weights: 

Elements combine with one another in the ratios of their combining 
weights or in simple multiples of these. 

Experiment shows that this more general law holds with as great 
an accuracy as the two previous laws. 

The determination of combining weights is a matter of fundamental 
importance. According to the preceding law, the combining Avcight of 
an element may be determined either directly with reference to oxygen, 
or indirectly with reference to another element of known combining 
weight. The latter method is employed more often than the former, 
and thus it happens that the combining weights of certain elements 
are extremely important, since they are so often utilised in calculating 


Now 

as 

or 
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the conlbining weights of the others. These fundamental combining 
weights inchide those of chlorine, bromine, iodine, hydrogen, nitrogen, 
carbon, sulphur, sodium and potassium. The following data will serve 
to illustrate the law : 

The gravimetric composition of water gives us the ratio (Morley, 
1895): 

Ox 3 ’^gen ; Hydrogen ^8 : 1*0076, 

whence, by the definition on p. 29, the equivalent weight of hydrogen 
is 1 * 0076 . 

Analysis of hydrogen chloride gives the ratio (Edgar, 1909) : 

Hydrogen : Chlorine = 1 : 35*1935 

-1*0076 : 35*461, 

and hence the c(piivalent weight of chlorine is 35*461. 

For silver chloride Richards and Wells (1905) found : 

Chlorine : Silver == 0*328668 : 1 

-35*401 : 107*893, 

whence the equivalent weight of silver is 107*893. 

Analysis of silver oxide by Riley and Baker (1926) gave the following 
mean value ; 

Silver : Oxvgen-l : 0*074107 

-107*893 : 8 00210 . 

Now we began with the assum})tion that the equivalent weight of 
oxygen w'as exactly 8 , and as the results of four entirely distiiu*! 
researches carried out at different times in different eonntries we eome 
back to the value 8 * 00210 . This is a remarkable tribute not only to 
the rigidity with which the la.Av of equivalent weights is obeyed, but to 
the high degree of experimental skill attained by modern investigators. 

Gay-Lussac’s Law of Volumes. —The laws previously discussed 
’"deal with the regularities that are noticed among the masses of sub¬ 
stances concerned in chemical changes. The law which expresses the 
volume relationships observed in chemical reactions involving gases 
was discovered by Gay-Lussac. In 1805 Gay-Lussac and Humboldt 
noticed that when hydrogen and oxygen unite to form water, the 
respective volumes of these gases that enter into combination are in 
the ratio of two to one when measured at the same temperature and 
pressure. The simplicity of this relationship led Gay-Lussac to the 
study of other gaseous reactions, and in 1808 he enunciated the Law 
of Combining Volumes, which may be stated in the following manner: 

Whenever gases unite, they do so in simple proportions by volume 
measured at the same temperature and pressure; and this relationship 
also ecetends to the volumes of any gaseous substances produced. 

Unlike the preceding laws, this law is not exact, but only approxi¬ 
mately correct under ordinary conditions. For example, careful 
experiment has shown that, at normal temperature and pressure, the 
ratio of the combining volumes of hydrogen and oxygen is 2*00209 : 1 
(Morley, 1890). Fuithcr, one volume of nitrous oxide yields 1*00717 
volumes of nitrogen. These results are readily understood when the 
approximate character of the gas laws is taken into consideration. 
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It is probable, however, that under exceedingly small pressures the 
Law of Combining Volumes is an exact expression of the nature of 
gaseous reactions. 

' DaltonAtomic Weight System. —In the connected account 
which Dalton gave in 1808 of his atomic theory, he pointed out how 
important it was to be able to arrive at a knowledge of the relative 
weights of atoms, since a list of such relative weights acts as a guide 
in investigating the composition of new substances. This application 
of his theory had, in fact, already enabled him to draw up a table of 
relative atomic weights as early as 180J3. 

Since the atoms are so extraordinarily minute that nearly 100 
million hydrogen atoms, for example, placed side by side in a straight 
line would be required to form a line 1 cm. in length, it is clear that 
a determination of their absolute weights may be a matter of con¬ 
siderable diOiculty. Dalton, therefore, decided to determine relative 
atomic weights, and chose hydrogen, on ficcount of its lightness, as 
his standard. The atomic weight of any other element was therefore 
the ratio of the weight of its atom to the weight of an atom of hydrogen. 
Its value was arrived at hy the amalysis of a compound containing the 
element and either hydrogen itself or some element whose atomic 
weight had already been fixed by comparison with hydrogen. But 
here arose a serious diflieulty. It was known tluit two elements might 
combine in more proportions than one. This fact, indeed, was the 
basis of the liaw of Multiple Proportions. How, then, w^as it possible 
to determine how many atoms were involved ? Dalton assumed that 
binary compounds would be the most sta})le ; hence if only one com¬ 
pound of two elements w^as known, it was presumed to be binary. If, 
however, two compounds were know^n, one was deemed binary and the 
other ternary. This being granted, chemical analysis would furnish 
the desired atomic weights. For example, water at that time being 
the only compound of hydrogen and oxygen know^i, W'^as assumed to be 
binary, and was represented by the formula HO. As hydrogen aiid 
oxygen combine in the ratio of 1 to 8 a])})roximately,* the atomic 
weight of oxygen, taking hydrogen as the standard, was clearly 8. 
Similarly ammonia, the only known compound of hydrogen and 
nitrogen, was written as NIT, and the atomic weight of nitrogen w^as 
tlnis taken as approximately 5. 

Dalton’s guiding principle, however, was faulty, and for many years 
chemists were grojjing in the dark. Atomic weight systems were 
successively introduced by Berzelius in 1818 and 1826, by Gmelin in 
1843, and by Gerhardt and Laurent about the same time ; but prior 
to 1860 no system was generally acceptable to chemists. 

Curious to relate, a magnificent guiding principle had been dis¬ 
covered by Avogadro as early as 1811, but its value had not been 
, recognised by chemists. 

Avogadro’s Hypothesis. —In 1811 Avogadro accepted the accu¬ 
racy of Gay-Lussac’s Law of Volumes (p. 30) and pointed out that it 
was a most natural assumption to conclude that 

the numbers of molecules in equal volumes of all gases are the same 
under the same conditiom of temj)erature and pressure, 

♦ Dalton found the value 7; but to avoid confusion we will keep to the approximaio 
modem values. 
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If this is accepted it follows that 

the relative masses of the molecules of the gases are j)'»'oportional to 
the densities of the gases, 

Avogadro’s hypothesis cannot either be proved or disproA^cd by 
direct experiment. Not only are gas molecules far too minute to be 
visible eA^en with the aid of powerful microscopes, but they arc present 
in such enormous numbers that, even if they could be seen, any method 
of counting them with accuracy Avould break doAvn. We have, however, 
exceedingly strong reasons for believing the hypothesis to be A^ery 
nearly true. It can hardly be perfectly true, otherwise w^e should 
expect gases to conform more closely to Gay-Lussac’s LaAv than is the 
case. 

Taking the atomic weight of oxygen as 16, and assuming, for reasons 
wdiich will appear later, that its molecule contains two atoms, it folloAvs 
that its molecular weight is 62. Experiment shows that 1 litre of 
oxygen at N.T.P. and at sea IcA^el at lat. 45° (sec p. 14) Aveighs 
1-4290 grammes. From this it follows that, under the same conditions, 
32 grammes of oxygen, that is, a gramme-molecule of oxygen, will 
occupy 22-4 litres. This is termed the gramme-molecular volume, 
and by Avogadro’s hypothesis this Arabic is the same for all gases. The 
number of absolute molecules of gas contained in this Amlume is usually 
denoted by N, and is known as Avogadro’s Number, the modern 
value for which is 6-064 xlO^^ (see p. 52). It is, of course, impossible 
to realise the significance of such a A^ast crowd. 

The Modern System of Atomic Weights.— This is based u})oii 
the suggestion of Cannizzaro in 1858 that Avogadro’s hypothesis should 
be taken as the guiding principle. The molecular wtMghts of substances 
in the gaseous condition were first to be found, and after that the 
atomic weights of the constituent elements. 

The rnoiccular weights of gases or volatile substances could clearly 
be obtained from the densities of the gases, as indicated in the following 
table : 


Gas. 

Mass in Grammes 
of 1 Litre at 
N.T.P. 

Gramme-M olecular 
Weight, i.e. Mass 
of 22-4 Litres. 

Hydrogen ..... 

()()890 

2 01 

Oxygen ..... 

1-4290 

32-01 

Nitrogen ..... 

1-2504 

28-01 

Chlorine ..... 

3-2209 

72-15 

Hydrogen chloride 

1 -6392 

36-72 

Ammonia ..... 

0-7708 

17-27 

Nitrous oxide .... 

1-9777 

44-30 

Nitric oxide .... 

1-8402 

30-02 

Hydrogen sulphide 

1-539 

34-47 


In order to obtain the atomic weights of the elements it is necessary 
to examine as many of their gaseous or volatile compounds as possible, 
and to determine by analysis the least amounts of those elements 
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present in the gramme-molecules of any of their compounds. Thus, 
for example, analysis shows that in hydrogen chloride the proportions 
by weight of the constituent gases are : 

H:C1-1 :35*5. 

Since a gramme-molecule of the gas weighs 86-72 grammes (approx.), 
it follows that it contains 1 gramme of hydrogen and 35-5 grammes 
of chlorine (approximately). Analyses of other gaseous compounds 
of these elements show that smaller amounts than these are never 
present in a single molecule. Hence the maximum possible atomic 
weights of hydrogen and chlorine arc 1 and 35*5, respectively. 
The formula for hydrogen chloride is thus llCl, since its molecule 
contains one atom of hydrogen and one of chlorine, and no more. 
Similarly the molecule of ammonia is represented by NHg, giving an 
atomic weight for nitrogen of 14--008, instead of 5 on the assumption 
that ammonia was a binary substance, NH. 

Avogadro’s hypothesis has given us a method, therefore, of deter¬ 
mining the maximum possible atomic weights of certain elements. 
Two questions naturally arise, namely (i) is there any evidence that 
these maximum values are also the minimum ones and not in reality 
multiples of the true value ? and (ii) is there any means of deducing 
the atomic weight of an element that does not yield any volatile com¬ 
pound ? A few rules were available to Cannizzaro, such as Mitscher- 
lich’s Law of Isomorphism and Dulong and Petit’s Law of Specific 
Heats, and these often proved useful, though occasionally they broke 
down just when they were most required. In later years chemists 
found many more guides, chief amongst which have been Mendeleeff’s 
Periodic Table (p. 332) ; the ratio of the specific heats of gases (p, 230); 
and, in very recent years, methods involving the use of X-rays (see 
p. 309 ; also Vol. II): 

The Oxygen Standard. —The atom of hydrogen, being the lightest 
known, was chosen by Dalton as his standard in fixing the relative 
atomic weights of the other elements. The suitability of this choice 
was supported very materially by Prout’s Hypothesis, in 1815, 
according to which the elements were composed of varying numbers 
of hydrogen atoms. Thus oxygen consisted of 16 hydrogen atoms, 
and its atomic weight was therefore exactly 16, and so on. William 
Prout, it may be added, was a lecturer in London and a pioneer in 
physiological chemistry (1785 to 1850), 

Whilst, as will be seen later, Prout’s hypothesis contained much 
that was essentially true, the atomic weights of the elements as wc 
know them are never exact multiples of the atomic weight of hydrogen. 
The atomic weight of oxygen, for example, is not exactly 16 times 
that of hydrogen, but 15*876 times. 

At the present time oxygen is employed as our standard, its atomic 
weight being fixed arbitrarily at 16*0000, and all other atomic weights 
are expressed relatively to it. Thus the figure for hydrogen ceases to 
be unity, the value 1-0078 being accepted in 1931 (see Table, p. 35) as 
the most probable value, and so on. The main reasons for choosing 
oxygen as the standard were as follows : 

1 . Hydrogen does not in general yield well-defined compounds with 
the metals, whose atomic weights must therefore be determined through 
the medium of some non-metal such as oxygen. Hence every time 

VOL. I, 3 
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re-determination of the combining ratio of hydrogen and oxygen gives 
a more accurate figure, all the atomic weights depending on that ratio 
must be recalculated. 

2 . The atom of hydrogen is so very light compared with the atoms 
of the majority of the elements that the small experimental errors 
incidental to even the best gravimetric analyses become proportionately 
magnified. 

Dalton’s atomic theory is now known to be only partially correct. 
It is true that all the atoms of any one element possess identical 
chemical properties, but in many cases it has been found that they are 
not all alike physically. For example, three kinds of oxygen atoms 
arc known, termed 0(16), 0(17) and 0(18), since their relative masses 
arc 16, 17 and 18, respectively. The two latter atoms are relatively 
few in number, so that the mean atomic weight chosen arbitrarily as 
16 is only very slightly greater, namely 1 •00022 times, than that of 
the main constituent 0(16), the variation being of the order of 1-25 
parts per 10,000. Since the relative amounts of these different kinds 
of atoms remain fairly constant, the fact that oxygen is really a mixture 
is not at present of great significance to the pure chemist when deter¬ 
mining his atomic weights by purely chemi(!al methods. When, 
however, atomic weights arc determined by purely physical methods, 
as, for example, Aston’s isotopic method, which is described later (see 
Vol. II), the standard is Oig, and the results must be multiplied by the 
conversion factor 1-00022 (1932 value) in order to render them 
comparable with the purely chemical data. The same kind of cor¬ 
rection would still be necessary if hydrogen were taken as standard, 
since ordinary hydrogen has now been shown (Urey, 1932) to contain 
traces of an isotope H(2). 

The different kinds of atoms of any one element are known as 
lisotopes because they occupy the same place in the Periodic Table 
(Greek isos equal, topos place). Although their masses are different, 
their chemical properties are identical. 

In the following table arc given the atomic weights of the elements 
as adopted by the Committee on Atomic Weights of the International 
Union of Chemistry for 1931. A list of the known isotopes has also 
been added. 
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TABLE OF ATOMIC WEIGHTS OF THE 
ELEMENTS, 1931. 


Atomic 

Number. 

Element. 

Symbol. 

Atomic 

Weight. 

Isotopes. 

Mass Numbers in 
Order of Intensities. 

13 

Aluminium . 

A1 

26-97 

27. 

51 

Antimony 

Sb 

121-76 

121, 123. 

18 

Argon .... 

A 

39-944 

40, 36. 

33 

Arsenic 

As 

74-93 

76. 

56 

Barium 

Ba 

137-36 

138, 137, 136, 135. 

4 

Beryllium 

Be 

9-02 

9. 

83 

Bismuth 

Bi 

209-00 

209. 

5 

Boron .... 

B 

10*82 

11, 10. 

35 

Bromine 

Br 

79-916 

79, 81. 

48 

Cadmium 

Cd 

112-41 

114,112,110,113,111, 

116. 

55 

Caesium 

Cs 

132-81 

133. 

20 

Calcium 

Ca 

40-07 

40, 44. 

6 

Carbon 

C 

12-00 

12 (13). 

58 

Cerium 

Cc 

140-13 

140, 142. 

17 

Chlorine 

Cl 

35*457 

35, 37, 39. 

24 

Chromium 

Cr 

52 01 

52, 50, 53, 54. 

27 

Cobalt .... 
Columbium (see Niobium) 

Co 

58-94 

59. 

29 

Copper 

Cu 

63-57 

63, 65. 

66 

Dysprosium . 

Dy 

162-46 


68 

Erbium 

Er 

167-64 

164, 176. 

63 

Europium 

Eu 

162-0 


9 

Fluorine 

F 

19-00 

19. 

64 

Gadolinium . 

Gd 

157-3 

,, 

31 

Gallium 

Ga 

69-72 

69, 71. 

32 

Germanium . . . j 

Ge 

1 

72-60 

74, 72, 70, 73, 76, 75, 
71, 77. 

79 

Gold .... 

Au 

197-2 


72 i 

Hafnium 

Hf 

178-6 

,, 

2 

Helium 

He 

4-002 

4. 

67 

Holmium 

Ho 

163-6 

,, 

1 

Hydrogen 

H 

1*0078 

1 

1, (2). 

49 

Indium 

In 

114-8 

115. 

53 

Iodine .... 

I 

126*932 ! 

127. 

77 

Iridium 

Ir 

193-1 j 

.. 

26 

Iron .... 

Fo 

55-84 

56, 54. 

36 

Krypton 

Kr 

82-9 I 

84, 86, 82, 83, 80, 78. 

67 

Lanthanum . 

La 

138-90 

139. 

82 

Lead .... 

Pb 

207-22 

208, 206, 207, 209. 

3 

Lithium 

Li 

6-940 

7, 6. 

71 

Lutecium 

Lu 

175-0 


12 

Magnesium . 

Mg 

24-32 

24, 26, 26. 

26 

Manganese . 

Mn 

64-93 

56. 

80 

Mercury 

Hg 

200-61 

I 

202,200,199,201,198, 
204, 196. 

42 

Molybdenum 

Mo 

96-0 

98, 96, 95, 92, 94,100, 
97. 
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TABLE OF ATOMIC WEIGHTS OF THE 
ELIBMENTS, 1931— {continued). 


Atomic 

Number. 

Element. 


Symbol. 

Atomic 

Weight. 

Isotopes. 

Mass Numbers in 
Order of Intensities. 

60 

Neodymium , 


Nd 

144-27 

142, 144, 146, 145. 

10 

Neon . 


Ne 

20*183 

20 , 22, 21. 

28 

Nickel . 


Ni 

68-69 

68 , 60. 

41 

Niobium 


Nb 

93-3 


86 

Niton or Radon (Rn) 


Nt 

222 


7 

Nitrogen 


N 

14-008 

14. 16. 

76 

Osmium 


Os 

190*8 

192,190,189,188,186, 
187. 

8 

Oxygen 


O 

16-000 

16, 18, 17. 

46 

Palladium 


Pd 

106-7 


15 

Phosphorus . 


P 

31-02 

31. 

78 

Platinum 


Pt 

196-23 


19 

Potassium 


K 

39-10 

39. 41. 

69 

Praseodymium 


Pr 

140-92 

14J. 

88 

Radium 


Ra 

225-97 


75 

Rhenium 


Re 

186-31 

187, 185. 

45 

Rhodium 


Rh 

102-91 

.. 

37 

Rubidium 


Rb 

85-44 

85, 87. 

44 

Ruthenium . 


Ru 

101-7 

102, 101, 104, 100, 99, 
96, 98. 

62 

Samarium 


Sm 

160-43 


21 

Scandium 


Sc 

46-10 

45. 

34 

Selenium 


Se 

79*2 

80, 78, 76, 82, 77, 74. 

14 

Silicon , 


Si 

28-06 

28, 29, 30. 

47 

Silver . 


Ag 

107-880 

107, 109. 

11 

Sodium 


Na 

22-997 

23. 

38 i 

Strontium 


Sr 

87-63 

88 , 86, 87. 

16 

Sulphur 


S 

32-06 

32, 33, 34. 

73 

Tantalum 


Ta 

181-4 


52 

Tellurium 


Te 

127-5 

130, 128, 126, 125. 

65 

Terbium 


Tb 

159-2 

» • 

81 

Thallium 


T1 

204-39 

205, 203. 

90 

Thorium 


Th 

232-12 


69 

Thulium 


Tm 

169-4 


60 

Tin , . 


Sn 

118-70 

120,118,116,119,117, 
124, 122, 121, 112, 
114, 115. 

22 

Titanium . ^ . 

, 

Ti 

47-90 

48, 50. 

74 

Tungsten 

. 

W 

184-0 

184, 186, 182, 183. 

92 

Uranium 

. 

U 

238-14 

238. 

23 

Vanadium 

• 

V 

60-96 

§1. 

54 

Xenon . 

• 

Xe 

130-2 

128,132,131,134,136, 
130, 129, 124, 126. 

70 

Ytterbium 

, 

Yb 

173-5 


39 

Yttrium 

, 

Y 

88-92 

89. 

30 

Zinc 

• 

Zn 

65-38 

64, 66, 68, 67, 65, 70, 
69. 

40 

Zirconium 

• 

Zr 

91-22 

90, 94, 92, 96. 


Masurium (At, No. 43) and Illinium (At. No. 61) are not included in this table* 







CHAPTER III. 


THE GAS LAWS AND THE KINETIC THEORY. 


Gases are characterised by their lack of definite shape and volume. 
When a given mass of gas is introduced into an evacuated vessel it 
assumes the shape and volume of the vessel, no matter what the size 
of the vessel may be, and exerts a uniform pressure on the walls. We 
owe the word “ gas ” to that erratic genius van Helmont (1577 to 1644), 
who is usually believed to have derived it from the Greek khaos^ void. 
For many years after the introduction of this word, how^ever, gases 
were known as “ airs.” Thus hydrogen was termed “ inflammable 
air,” and oxygen was variously known as “ fire air ” (S(?hcele), 
“ dephlogisticated air ” (Priestley) and “ eminently pure air ” 
(Lavoisier). The term ‘‘ air ” is now largely restricted to the pre¬ 
dominant mixture of gases constituting our atmosphere. 

Ry the elasticity of a substance is understood the ratio of the 
stress to the strain produ(?ed per unit volume. Since a gas resists 
compression, it possesses elasticity of volume. If a volume V of a gas 
is reduced to V-hV when the pressure is raised from P to P + SP, the 
strain produced per unit volume is 8F/F, and the elasticity, P, is 
given by 

SF SP 

£ = = . . . . ( 1 ) 


Boyle’s Law. — The simplest law connecting the pressure and 
volume of a gas is that enunciated by Robert Royle as the result of a 
series of experiments on gases, details of which w^ere published in 1662. 
The law states that 

Given a constant temperature^ the volume of a gas varies inversely as 
the pressure. 

Mathematically expressed, the law becomes 

Pocp or PF=constant ... (2) 

Boyle used a U-shaped glass tube for his experiments (fig. 2). The 
shorter limb was closed at A and calibrated, and the volumes occupied 
by the enclosed gas when subjected to different pressures obtained by 
varying the height of the mercury column CB were noted. The method 
was crude, and even if small deviations from the law had occurred 
within the range of pressures investigated, they must inevitably have 
escaped observation. 

Mariotte independently discovered the same law some fourteen years 
later, and on the Continent the law frequently bears his name. But, 
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if priority of discovery counts at all, the law should be known as Boyle^s 
Law, although Mariotte api)ears to have had a better appreciation of 
it and its importance than had Boyle, and his book, 
entitled Discours de la Nature de VAir, which ap¬ 
peared in 1676, exerted a more j^rofound inllucnee 
on Continental physics than did the publications 
of Boyle. 

Boyle’s Law assumes the temperature to remain 
constant, the changes in volume under j)rcssure 
variation taking place isothcnnally. If the changes 
are effected adiabatieally (Greek a not, dia through, 
g bat os passable), that is, if nO heat is allowed to escape 
from or to enter the system, the equation connecting 
the change of volume with pressure is 


JP = constant . . (8) 

Fig. 2.—Boyle’s 

Apparatus. where y is the ratio of the specific; heats of the gas 
at constant pressure and constant ^^olume respectively 
(p. 280). This is known as the adiabatic gas equation. The 
method of deriving it is given on pp. 288, 230. 

The Law of Charles. —About the year 1787 the French engineer 
Charles observed that equal volumes of air and of scxeral of the so- 
called “ permanent ” gases, namely oxygen, nitrogen and hydrogen, 
when heated under constant jiressure from 0° to 80° G. expanded by 
equal volumes. The law lying at the root of this observation is 
fre<piently expressed as follows : 


When a gas is heated through one degree centigrade its volume increases 
by 11273 or O'OOSGO of its volume at 0^ C. irrovided the pressure remains 
constant. 


Charles never published his results, and it was only by accident that 
Gay-Lussac became acquainted with them and published a brief 
summary in 1802. The latter also gave an a(‘eount of extensive 
researches of his own along similar lines. Dalton had already in 1801 
re-discovered the same law independently, and in consequence the names 
of both of these famous chemists are frequently attached to it. As a 
matter of historical interest it may be mentioned that Cavendish 
appears also to have made the same discovery simultaneously with, 
but unknown to, ('harles, but like Charles refrained from publication. 
The law may be expressed mathematically as follows : 

.... (4) 

where F, is the volume of gas at f C. which occupies a volume Vq at 
0 ° C., and a is the coefficient of expansion, namely 1/273. 

Suppose, now, the temperature of a given volume of gas at 0° C. is 
raised through 1° C., the volume being kept constant. What will be 
the effect upon the pressure ? The same effect precisely would be 
obtained by warming the gas at constant pressure, and then com¬ 
pressing it to its original volume. By Boyle’s Law the pressure would 
then increase by the same amount as the volume had originally in¬ 
creased. The law connecting temperature and pressure at constant 
yqlutne may therefore be stated as follows : 
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For each degree rise of temperature on the centigrade scale there 
results an increase in pressure amounting to of the pressure 

at (f C. 

The Gas Equation. —It follows from equation (4) that if the gas is 
eooled below C. its voliq^ie will decrease by 1 /27»3 of its volume at 0 ® C. 
for every degree its temperature falls. If, therefore, it is cooled from 
0® through 273® on the centigrade scale, its volume should be reduced 
to zero. Actually, of course, this would not be the case, for the gas 
would liquefy and solidify before so low a temperature was reached, 
and once the gas had liquefied, further decrease in temperature would 
exert but a small effect upon the volume. As we shall sec later, how¬ 
ever, helium had to be cooled to extraordinarily low temperatures to 
effect its liquefaction, the boiling point of liquid helium being only 
four degrees above '-273® C. (p. 92). The theoretical conception of 
such a low temperature has proved most useful ; and, as it is im¬ 
possible to conceive of a substance as occupying a negative volume, it 
is convenient to regard - 273® C. as the lowest temperature attainable. 
It is therefore termed the absolute zero. Temperatures arc fre- 
(piently expressed with reference to this absolute zero, and are then 
usually designated as ®2\, ®abs. (absolute) or ®K. (Kelvin scale, V^ol. II). 
Thus, for exam})le, ice melts at 0 ® C., and this is 273® (\ above the 
absolute zero ; hence ice nielts at 273® T, We therefore have ; 

T^t-^27Sy 

where t represents the temperature on the centigrade scale. 

K(|uation (4) may now, therefore, be written as : 


that is, 
or 


v-v 

f 0 273 

= FoT/273, 
IVFo = T/273 

FxT . 


(5) 


or, the volume of a gas is proportional to the absolute temperature, 
provided the pressure remains constant. 

Combining equations ( 2 ) and (5) : 



VocT . 

• (5) 


Focl/P . 

• (2) 

we have 

Vat TIP 


or 

PV — const. X T 



= BT . 

• ( 6 ) 


R is known as the Gas Constant, and its value is conditioned by the 
units chosen. By a proper choice of units, however, it is possible to 
make R the same for every gas to which the equation applies. The 
chemist usually employs the molecular weight and molecular volume 
as his units, and in the most general form of the gas equation, 

PV^RT, 

P denotes the pressure and F represents the gramme-molecular volume, 
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which, according to Avogadro’s Hypothesis, is a constant quantity for 
all gases at the same temperature and pressure. Hence, provided the 
gramme-molecule of a gas is always dealt with, the value of R is in¬ 
dependent of the nature of the gas, and its numerical value depends only 
upon the units in terms of which P, V and T are expressed. 

When a substance changes its volume under pressure, work is either 
done by the substance (if it expands) or on the substance (if contraction 
occurs), and so, in accordance with the method employed in measuring 
work, the product PV represents the work done when one gramme- 
molecular volume of gas is generated under a pressure P. The value 
of R, measured in work units, ix. ergs, can be obtained as follows : 

At 0® C. or 273° T., and 76 cm. pressure, V is 22,400 c.c. Since 
the density of mercury at 0° €. is 13*596 grammes, the pressure in 
dynes is : 


Hence 


P = 76 X 13*596 X 981. 

, P V 76 X 13*596 x 981 x 22,400 
- y ~ 273 


= 8*32 xlO’ ergs. 


The equation is sometimes expressed in another way. Since 
mechanical energy and heat energy are (quantitatively transformai)le, 
4*184x10'^ ergs being equivalent to 1 gramme-calorie of heat (the 
mechanical equivalent of heat), R can also be expressed in heat units, 
obviously being approximately equivalent to 2 (more exactly 1*985) 
calories. Inserting this numerical value of P, we have 

,PF = 2T. 


In this form the equation is of particular use in thermochemistry in 
cases where it is desired to determine heats of reaction between gases. 
If a reaction be accompanied by expansion or contraction, part of the 
heat effect observed is due to the work done during the alteration of 
volume, and this must be allowed for in deducing the actual heat of 
reaction. At C. the production of each gramme-molecular volume 
of gas corresponds to an absorption of 2(273 +<) or (546 +2^) gramme- 
calories owing to the performance of external work (p. 20), Thus, 
for example, when a gramme-atom of zinc dissolves in dilute sulphuric 
‘ftcid, a gramme-molecule of hydrogen is liberated. At 18° C. the work 
done on the atmosphere in making room for this gas is given by 

W^PV^RT 

= 2 x291 

= 582 gramme-calories. 

If, on the other hand, we choose one atmosphere as our unit of 
pressure, and take the volume of a gramme-molecule of an ideal gas 
as our unit of volume, namely 22*40 litres at 0° C. or 273° abs., the value 
for R becomes : 

H = — = 0*0821 litre-atmosphere. 


Finally, choosing the volume of 1 gramme of gas as our unit of 
volume, retaining the atmosphere as our unit of pressure, we have: 
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PV 1 x22-40 J 

T ^273 xM 


where M is the molecular weight of the gas. 

Graham's Law of Diffusion of Gases. —It is a common exp^erience 
that heavy vapours, such as bromine, can travel upwards and make 
their presence known, if not by their colour, by their pungent or un¬ 
pleasant odour. Early experimenters on gases found that a mixture 
of two gases of different densities does not separate out into layers, 
with the heavy one underneath, and Priestley found that when two 
gases are carefully brought together with the heavier one underneath, 
they slowly pass into a homogeneous mixture. Dalton, in 1803, also 
found that any two of the gases air, nitrogen, hydrogen, oxygen and 
carbon dioxide always mix when put into communication by means of 
tubes. 

In 1823 Dobereiner observed that hydrogen collected in a flask 
with a very fine crack escaped into the air, and water rose into the 
flask, although no hydrogen escaped when the flask was surrounded 
by a cylinder of the same gas. The explanation of this phenomenon 
was furnished in 1832, when, on repeating Dobereiner’s experiments, 
Graham found that as hydrogen escaped air entered the vessel. The 
actual law according to which this diffusion occurred was discovered 
by Graham in a scries of experiments in which tubes, from 6 to 14 inches 
in length, were closed at one end by a thin porous plug of plaster of 
Paris, filled with gas over water, and~ diffusion then allowed to proceed. 
After a given time the residual gas was analysed in order to determine 
the amount of the original gas remaining and the amount of air which 
had entered by diffusion. Graham found that: 

^'^Phe rate of diffusion of a gas is inversely proportional to the square 
root of its density. 

This is known as Graham’s Law, and may be expressed mathematically 
as ; 

= const. . . . . (7) 


where v is the velocity of diffusion. Graham based his deduction on 
the following results : 


Gas. 

Density. 

(Air=l.) 

ijVd. 

Velocity of 
Diffusion. 
(Air = l.) 

vVd. 

Hydrogen 

006949 

3-7935 

3-83 

1-01 

Methane . 

0-559 

1-3375 

1-344 

1-00 

Carbon monoxide 

0-9(578 

1-0165 

1-1149 

1-18 

Nitrogen . 

0-9713 

1-0147 

1-0143 

1-00 

Ethylene 

0-978 

1-0112 

1-0191 

1-01 

Oxygen . 

1-1056 

0-9510 

0-9487 

1-00 

Hydrogen sulphide . 

1-1912 

0-9162 

0-95 

1-08 

Nitrous oxide . 

1-527 

0-8092 

0-82 

1-01 

Carbon dioxide 

1-529 

0-8087 

0-812 


Sulphur dioxide 

2-247 

0-6671 

0-68 

1-02 
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The plug of plaster of Paris may be replaced by other porous materials, 
such as stucco, but Graham eventually found (180J) the best material 
was a plate of artificial graphite, 0*5 mm. thick. To demonstrate the 
difference in the diffusive ])owers of different gases, use may also be 
made of thin*walled cells of unglazcd porcelain. 

Graham’s Law was usefully applied some years ago in determining 
the molecular weight of ozone. Soret (1867) determined the relative 
rates of diffusion of mixtures of oxygen with ozone, carbon dioxide 
and chlorine respec^tively, and was able to show that the density of 
ozone and hence its molecular weight was a little higher than that of 
carbon dioxide (M. wt. 44), but distinctly lower than that of chlorine 
(M. wt. 71). The experiment was repeated with greater accuracy by 
Ladenburg (1898), who used a gas containing 84-1 per cent, of ozone 
obtained by evaporation of liquid ozone, and from the velocity of 
diffusion calculated the molecular weight as 47*0, thus confirming the 
formula Og for the gas. 

If a thick porous plug is used, the rate of diffusion is no longer 
proportional to tin; square root of the gas density, for the friction of 
the gas with the sides of the pores reduces the velocity. The action is, 
indeed, similar to the passage of a gas through a narrow tube, a ]>ro(*ess 
which is called transpiration, and which is concerned with the passage 
of the gas bodily rather than on account of diffusion by molecular 
movement. 

The facts (;oncerning the rate of diffusion of a gas have received 
practical application in the process called atmolysis, whereby the 
constituents of a gaseous mixture can be partially separated. Thus, 
if electrolytic gas be passed slowly through a porous clay tube, so mu(‘h 
of the hydrogen will escape by diffusion through the walls that the 
gas collected from the end of the tube will no longer explode. If, 
instead of electrolytic gas, steam be passed through the tube, heated 
to a white heat, it is possible to demonstrate that a partial dissociiation 
occurs by the fact that the steam issuing is mixed with an excess 
of oxygen. Similarly, the products of the dissociation of ammonium 
chloride may be partially separated, or again, argon can be concentrated 
in its mixture with nitrogen. 

It is a matter of historical interest that one of the methods used by 
Ramsay to confirm the presence of a heavy gas, now known as argon, 
in the atmosphere, consisted in passing a large quantity of air through 
a long train of stems of “ churchwarden ” tobacco-pipes, placed inside 
a glass tube in which a vacuum was maintained. The gases passing 
through the porous walls of the pipe-stems were pumped off and dis¬ 
charged, the air issuing through the pipes freed from oxygen and the 
density of the remaining “ nitrogen ” determined. The product was 
consistently denser than atmospheric “ nitrogen,” showing that the 
heavier gas, namely argon, was being concentrated in the nitrogen by 
this means. 

The method has also been employed in an attempt to effect a 
partial separation of the isotopes of chlorine (Vol. II). 

As a practical means of purifying gases the process of atmolysis is, 
however, of little use. 

As will be shown later, Graham’s Law can be deduced on the basis 
of the kinetic theory of gases (p. 56). 

Investigations were also carried out by Graham in which a metal 
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plate, pierced by a very fine hole, closed the tube containing the gas. 
In these experiments the gas was forced through the aperture by a 
slight excess of pressure in the tube, and its passage outwards under 
these conditions was termed effusion. For any one gas the rate of 
effusion was proportional to the difference of pressure on the two sides 
of the plate, and for different gases under the same pressure conditions 
the rates were, like the rates of diffusion, inversely proportional to the 
square roots of the densities. This was made, by 
Hunsen (1857), the basis of a convenient method 
for determining the approximate density of a gas 
when only a few cubic (centimetres were available. 

The ap])aratiis em})loye(l consisted of a glass tube 
open at the lower end, and closed by a tap at the 
upper end (fig. 3). Just beyond the tap, the tube, 
contracted to a small diameter, was closed by a sheet 
of j)latinum containing a hole so small as to be in¬ 
visible to the unaided eye. The tube was filled with 
and inverted over mercury, and the gas introduced, 
the level of the mercury outside being sufficiently 
above that within the tube to drive the gas steadily 
upward. The tap was now opened and the time 
re(pjired for the mercury level to rise through a 
certain height in the tube (determined by the aid of 
a float) was noted. By a comparison under exactly 
the same (conditions with a gas of known density, 
the density of the first gas could then be found. 

More recently, Emich has modified the method 
for use at high temperatures (1400° to 2000° F.). pjo. a.—Bunson’s 

If di and are the densities of two gases, Effusioraeter. 

and T’g their raters of flow under the same difference 
of })ressure through the small aperture, then, since their rates of flow 
arc inversely ]>roportional to the times and 6^ required for equal 
volumes to effus(*, it follows that: 





( 8 ) 


It is of interest to note that the 'method was used at the ordinary 
temperature by Perkins (1908) and by Debicrne (1910) in the deter¬ 
mination of the density of niton or radium emanation. The values 
obtained ranged from 110 to 117*5, the accepted value (1931) being 111. 
It may be mentioned also, in passing, that argon does not conform 
rigidly to Graham’s Law, but effuses through a hole in a platinum 
plate some 3*5 per cent, more rapidly than would be expected when 
compared with oxygen. 

Dalton’s Law of Partial Pressures (1802) states that: 

The pressure exerted by a gaseous mixture is equal to thx sum of the 
pressures which the constituents would exert if ea^ch occupied separately 
the volume of the miaiure .. 

This is really a particular case of dissolution, namely the dissolution 
of gases in gases, and as such is dealt with later (p. 342). As a 
matter of historical interest it may be mentioned that Cavendish had 
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discovered this law twenty years earlier, as his laboratory notes bear 
witness, but he had omitted to publish his results. 

Gay-Lussac’s Law of Combining Volumes and Avogadro’s 
Hypothesis have already been considered. 

The Ideal or Perfect Gas. —So far we have omitted to consider 
the question as to the extent to which the gas laws arc valid. As we 
shall sec presently, no known gas is capable of conforming perfectly to 
their requirements. It is useiiil, however, to form a mental picture ot* 
an ideal or perfect gas in order that we may be able to study the extent 
to which known gases deviate from our theoretical laws. Thus : 

(1) A perfect gas would respond to variation in pressure in strict 

accordance with Boyle’s Law, whatever the temperature. 

(2) A perfect gas would contract uniformly as the temperature fell, 

witliout liquefying or solidifying, and its volume would be 
zero at - 273*^ C. 

(3) A perfect gas would resemble every other perfect gas in possess¬ 

ing the same molecular volume under the same cronditions 
of temperature and pressure. That is, perfect gases would 
conform to Avogadro’s hypothesis. 

(4) Gay-Lussa(*’s Law of Combining \'olurnes would be accurately 

obeyed by interacting perfect gases. 

As no gas is perfect, we shall now pass on to consider the ways in 
which gases deviate from the gas laws. In general it is found that the 
more readily liquefiable gases deviate to a greater extent than the 
so-called “ permanent ” gases, and the higher the temperature and the 
low^er the pressure the more nearly do gases resemble the “ perfect ” 
gas. 

The Validity of Charles’ Law. —The coellicient of expansion with 
rise of temperature was at first supposed to be the same for all gases. 
That this is not so was first proved definitely by Regnault, whose 
results are given in the following table, a being the coefficient of ex¬ 
pansion between 0° and 100° C., measured at a constant pressure of 
one atmosphere. 


Gas. 

a. 

Boiling 
Point, ■’C. 

Gas. 

u. 

Boiling 

Point, 

Hydrogen . 

0003CG1 

-252*7 

Carbon dioxide 

0*003710 

-78*2 

Air 

Carbon mon¬ 

0003671 

c. -193*0 

Nitrous oxide 

0*003719 

-88*7 

oxide 

0003669 

-190*0 

Sulphur dioxide 

0*003903 

-10*0 


Evidently the value of a departs more and more from that of the true 
gas (conveniently represented at atmospheric pressure by hydrogen) 
according to the ease with which the gas can be liquefied. The co¬ 
efficients of increase of pressure with rise of temperature show the same 
tendency. 

Deviations from Boyle’s Law. —With regard to Boyle’s Law, 
the discoverer’s investigations were limited to a range of pressure 
extending between atmosphere and 4 atmospheres, and were only 
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able to prove the substantial truth of the relationship. Early in the 
nineteenth century. Oersted, Despretz, Arago, Dulong and others 
turned their attention to the question whether or not Boyle’s Law 
would be valid if pressures considerably greater than atmospheric were 
applied to a given volume of gas. No trustworthy data were obtain¬ 
able, however, until the experimental results of Regnault were 
published in 1847. 

Regnault designed his apparatus to give a wider range of pressure 
than his predecessors. He also employed a new device to reduce the 
error in reading the volume of the gas 
under pressure. Since the volume of 
the gas under, say, 10 atmospheres 
pressure would be only approximately 
one-tenth that at the ordinary pres¬ 
sure, the per(;entage error in reading 
the volume was obviously magnified 
about ten times. Regnault confined 
his gas in the tube G (fig. 4), kept 
at constant temperature, and a})plied 
pressure by means of a pump to the 
mercury in the reservoir. The height 
of the column of mercury, AB, enabled p 
the pressure in G to be calculated. 

At the commencement of the experi¬ 
ment the mercury level in G was 
adjusted to D, and the height of the 
other mercury column noted. The 
pressure was then increased until the 
gas in G was compressed to the 
volume above C, and its amount again 
noted. The pressure was now kept 
constant and gas was pumped into G through F until the level of the 
mercury again fell to D. The pressure was now increased until the 
mercury again rose to C. By this means at each change of pressure 
the volume of the gas changed by the same amount and the small in¬ 
evitable experimental error of reading at high pressures was not appre¬ 
ciably greater than that at low ones. 

As the result of his experiments, Regnault found that not one of the 
four gases he employed, namely, hydrogen, nitrogen, air and carbon 
dioxide, obeyed Boyle’s Law between pressures of 1 and 27 atmospheres, 
the range used ; and further, he found that whereas hydrogen was 
less compressible than the law would lead us to expect, the three others 
were more compressible. Hydrogen is therefore said to be ultra-y 
super-y hyper- or over-perfect^ whilst the other three gases are termed 
sub-i hypo- or under-perfect gases. 

The small range of pressures adopted by Regnault led to inquiries 
by other investigators, the most important experiments being those of 
Amagat (1880 to 1893). Two scries of determinations were carried 
out. In the first, the pressures employed reached 400 atmospheres 
and were measured directly, the manometer tube for the purpose being 
built in the shaft of a coal-mine. The tube was made of steel to with¬ 
stand the pressure. To the top of the tube, which was made in sections 
and adjusted to the lengths of the mercury column, Amagat attached a 


Fjo. 4.—Regnault’8 Apparatus. 
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wider tube of glass, so that readings could be taken by direct observa- 
tion. In this way the behaviour of nitrogen, hydrogen, oxygen, carbon 
dioxide and air was tested, and, when known, enabled one of these gases, 
nitrogen, to be used in a manometer instead of a column of mercury. 



Fig. 6.—The Compressibilities of Oxygen, Nitrogen, Hydrogen and Carbon 
Dioxide at 0° 0. (Amagat, 1893). 

The pressures employed in the second series of experiments rose as 
high as 3000 atmospheres, being measured by a mechanical, device in 
an apparatus based on the principle of the hydraulic press. 

In addition to the five gases already mentioned, Amagat also 
investigated the behaviour of methane and ethylene. Some of his 
results are included in the following table, these being shown graphically 
in fig. 5, The data for carbon dioxide from 100 to 1000 atmospheres 
relate entirely to the liquid. 
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Relation between Pressure and Volume. 
(Amagat, 1893.) 


Pressure in 
Atm. 


1 

100 

200 

500 

1000 

2500 


PV at 0° C. 
(Oxygen). 


10000 
0*9265 
0*9140 
1*1570 
1*7300 
3 3238 


PV at if C. 
(Nitrogen). 


lOOOO 

0*9910 

1*0390 

1*3900 

2*0700 

3*9200 


PV at 0° 0. 
(Hydrogen). 


1 *0000 
1 *0690 
1*1380 
1*3565 
1*7250 
2*6950 


PV at 0" 0. 
(Carbon 
Dioxide). 


1 *0000 
0*202 
0*385 
0*891 
1*056 


PV at 0" C. 
(Air). 


1*0000 
0*9730 
1 0100 
1*3400 
1 *9990 
3*7913 


The results both confirmed and very considerably extended Reg- 
nault’s observations, hydrogen standing alone as a gas less compressible 
than expected, all the others being more compressible than according 
to Hoyle’s Law, when only a comparatively limited range of pressure 
was employed. When still higher pressures were applied, the value of 
the product P V reached a minimum, as shown in the table, and there¬ 
after steadily increased, just as w^ith hydrogen. 

The most convenient method of representing the facts graphically 
is to plot, not simply the pressure against volume, but the product P V 
against the pressure P, and in the curves (figs. 5 and 6) this method is 
adopted. Fig. 5 indicates the general types of curves obtained by 
Amagat, together with that which should be obtained if Boyle’s Law 
were exact—namely, a horizontal straight line. Oxygen and air are 
similar in behaviour to nitrogen, while the curve for ethylene has a deep 
minimum point, like that for carbon dioxide, thus illustrating the fact 
that the more easily liquefiable a gas is, the more it tends to deviate 
from the gas laws. Modern wDrk has shown that the curves for helium 
and neon resemble that for hydrogen ; these gases are therefore ultra¬ 
perfect. It will be observed that air gives results intermediate between 
those of oxygen and nitrogen, as is to be expected from a mixture of 
the two gases. 

As the temperature falls, air show^s a steadily increasing tendency 
to deviate from Boyle’s Law. This is evident from the curves in 
fig. 6. As the temperature rises towards 100° C. air behaves more and 
more like a perfect gas. The same is generally true for carbon dioxide, 
as shown in fig. 7. As the temperature rises the initial fall in the value 
for PV becomes less pronounced. At the ordinary temperature, the 
cur\’^es for hydrogen, helium and neon do not exhibit minima and it is 
necessary to cool these gases to a low temperature before curves of this 
type are obtained. 

Boyle’s Law, for pressures less than atmospheric, has also been the 
subject of many investigations. Reference may be made to those of 
Lord Rayleigh (1901 to 1905). Three ranges of pressure were used— 
namely, 1 to 0*5 atmosphere, 150 mm. to 75 mm., and 1*5 mm. to 
O’Ol mm. The results obtained between one atmosphere and half an 
atmosphere pressure are recorded in the following table, the value of 
pv referring %o p-5 atmosphere and that of PV to 1 atmosphere. At 
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Fig, 7. —^The Compressibilities of Carbon Dioxide at Various Temperatures 
(Amagat, 1896). 
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Gas. 

Temperature, 

°C. 

pv 

Tv' 

Boiling Point, 

"C. 

ir. 


10-7 

0-99974 

-252-7 

N, 


14-9 

1-00015 

-195-8 

Air 


11-4 

1*00023 

c. -193-0 

CO 


13*8 

1*00026 

-190-0 

o, 


112 

1 -00038 

-1830 

N.,0 . 


110 

1-00327 

- 88-7 

Nil, . 


9-7 

1 -00632 

- 38*5 


these pressures, then, just as at higher pressures, the gases most readily 
capable of liquefaction are those which depart to the greatest extent 
from Boyle’s Law, the so-ealled permajiicnt gases showing little deviation. 
Over the second range, 150 mm. to 75 mm., the easily liquefiable gases 
wiTC found still to deviate slightly from the law, whereas the values of 
PV for nitrogen, air and hydrogen remained practically constant; but 
at low pressures, 1*5 mm. to 0*01 mm., all the gases appeared to obey 
Boyle’s Law. Data obtained at very low^ pressures, however, are 
unreliable on account of the tendency of gases to condense on the 
walls of the containing vessels. At ordinary pressures the jiereentagc 
error thus introduced may be negligible, but at very low pressures it 
may be considerable (see Chapter XXI). 

The (question of the absolute validity of Boyle’s Law under extremely 
small pressures, then, cannot be decided from the experiments that have 
Ix^en made up to the present time. The error incurred by assuming the 
validity of Boyle’s l^aw between tw^o pressures and p 2 is best ex- 

j)ressed by a cocllicieiit defined by the eejuation 

where Aq is the mean deviation of the gas from Boyle’s Law between 
0 and 1 atmosphere. If Boyle’s Law is accurate under extremely small 
pressures, then when and pg to one another and each 

is almost nil, the coefficient A^^^ should equal zero. Although experi- 

ment so far is unable to decide whether this is so or not, it is considered 
by many that such is not the case. This conclusion is readily deduced 
from van der Waals’ equation (vide infra), and seems to be in accord¬ 
ance with the experimental evidence ; for example, in the case of 
oxygen the deviation from Boyle’s Law is as pronounced at 156 mm. 
as at 800 mm, pressure (Gray and Burt, 1909). 

There is then, in general, at any fixed temperature, only one pressure 
in the immediate neighbourhood of which Boyle’s Law is strictly true. 
This is the pressure at which P F is a minimum. 

Deviations from Avogadro’s Hypothesis. —It may be assumed 
that 

cd the same temperature and under a common, indefinitely small pressure, 
all gases hojve exactly the same gramme-molecular volume, 
von, I, 
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Since, however, as we have seen, gases do not rigidly obey either Boyle’s 
Law or the Law of Charles, and no two gases deviate from these laws 
by exactly the same amount, it is obvious that, on raising the pressure 
to one atmosphere, the volumes oecuj^ied by gramme-molecules of two 
different gases will not now be the same. Ordinarily, therefore, 
Avogadro’s hypothesis cannot be strictly true. As a result, Gay- 
Lussac’s Law of Combining Volumes cannot be strictly true either, 
and we have already had occasion to point out (p. 41) that gases do 
not ordinarily combine together in ratios expressed exactly by whole 
numbers. Probably at indefinitely low pressures Gay-Lussac’s I^aw 
would be obeyed exactly. 

The Kinetic Theory of Matter. 

We have already seen that the early Grecian philosophers believed 
that - 

(i) matter was discontinuous, being com])osed of exceedingly 

minute particles, which we to-day call molecules, and 

(ii) that these partides were in motion. 

If to these two hypotheses we add a third, naindy, 

(iii) that heat is a manifestation of molecular motion, 

we have outlined the foundations of the modern kinetics theory of 
matter. This theory aims at interpreting thermal phenomena in 
mechanical terms. 

In a solid the molecules are assumed to be very close together as 
compared with their distances in a gas. Siru'C a solid normally offe rs 
great resistance both to tension and to compression, it would appear 
that whilst the molecules attract one another when situated certain 
distances apart, the force of attraction is changed to one of repulsion if 
the contact becomes too intimate. A compact solid may theridbre be 
regarded as a vast number of molecules held closely together in an 
ecpiilibrium configuration and almost entirely devoid of translatory 
movement. 

It is convenient, though probably not quite correct, to assume 
that at the absolute zero of temperature (p. 39) the molecules are at 
rest. If any thermal energy is now alisorbcd it takes the form <)f 
vibrational movement, with possibly some rotational movement and 
certainly a little translational movement also. These movements 
manifest themselves as heat, and when they become increasingly pro¬ 
nounced we say that the temperature of the solid is rising. 

That some of the molecules of a solid body do possess a certain 
amount of translational energy is indicated by the results of diffusion 
experiments. Thus Roberts-Austen (1896) stood cylinders of lead uj>on 
cylinders of gold and allowed them to remain in a cellar at 18° C. for 
four years. After this time it was found that some of the gold had 
diffused upwards into the lead. As the temperature is raised, the rate 
of diffusion is increased. At 197° C. gold has been found to diffuse 
into lead to a depth of 2*5 cm. in the course of 54 days (Ostrand, 1916), 
whilst copper and zinc cylinders placed in contact and warmed up to 
about 250° C. unite after a few hours, a thin layer of brass being formed 
at the joint. As zinc melts at 419° C., and both brass and copper at 
still higher temperatures (brass at 800° to 1000° C., copper at 1088° C.), 
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it is evident the diffusion must have taken place whilst the metals 
were solid (Spring, 1900). This is a special case of what is known as 
solid solution, which subject is dealt with in further detail in a later 
chapter (p. 375). On the other hand, metals incapable of dissolving 
in each other do not diffuse in this manner. Zinc and lead, and bismuth 
and lead, are examples. 

If our solid body continues to absorb thermal energy, the energy 
of vibration will continue to increase until eventually, provided no 
chemical change takes place to interfere with the normal course of 
things, the molecules acquire so much energy that their forces of 
attraction are unable to hold them in })()sition. It is usually supposed 
that this is the case when the amplitude of vibration of the molecules 
equals the distance between them. The molecules then break 
away and we say that the substance melts, or acquires the liquid state. 
The molecules of a liquid thus certainly possess translational energy, 
and may possess other forms as well. On supplying further thermal 
energy to the liquid, again assuming no chemical change intervenes, a 
stage is ultimately reached wdien the translational energy of the 
molecules is so great that they dash away from each other wdth high 
velocities which their cohesive forces are entirely unable to control. 
The liquid is then said to boil, and to pass into the vapour state. 

Such, in essence, is the kinetic theory of matter. 

The Kinetic Theory of Gases.-— Of the three forms of matter, 
gases are the most suitable for studying the kinetic theory, (iassendi, 
in 1658, appears to have been the first philosopher of the Christian 
era to suggest tlmt the motion of the molecules of a substance might 
account for many phenomena, such as melting and boiling, for tlie 
ex})lanation of which se})arate hypotheses had been adN'anecd. In 
1738 Bernouilli pointed out that the pressure exerted by a gas on the 
walls of a containing vessel may be caused by the impacts of the 
molecules. During the nineteenth century a large number of in¬ 
vestigators took u]) the subject, including Clausius (1857), Maxwell 
(1859), and others whose names wnll be mentioned as occasion vserves. 

Before the kinetic theory was established, a aUitic theory of gases 
was largely held. This theory, due largely to Sir Isaac Newton (1687), 
postulated that when a gas was nominally at rest, all its constituent 
molecules wTre likewise at rest, in static equilibrium, in consequence 
of their mutual repulsion. This repulsion was believed to account lor 
the pressure exerted by a gas, and for the expansiveness. The increase 
of pressure observed on reducing the volume of a gas was explained on 
the very plausible ground that the nearer the molecules apj3roached 
one another, the greater became the force of repulsion between them. 
For many years this static theory was a formidable rival to the kin(‘tic 
theory, but was gradually discarded with the general acceptance of the 
latter between 1857 and 1870. 

That the molecules in a gas do not repel one another may be illus¬ 
trated as follows (Dunoyer, 1911): A vertical cylindrical tube is divided 
by two partitions A and B (fig. 8) into three compartments. Each 
partition is pierced at the centre with a small circular hole. Sodium 
is placed in the lowest compartment, the whole e^"acuated, and the 
sodium then ^aporised by heating. The sodium molecules escape 
rapidly in every direction, the majority being deposited on the walls 
of the lowest compartment. Some pass through the hole in B and 
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remain as a deposit in the middle compartment; a few pass through 
to tlie third conipartmerd and form a deposit on the roof of the 
cylinder, the deposit coinciding with the projection of the hole in A 
formed by radii drawn from the hole in 13. If the sodium molecules 
exerted a repulsive action upon one another they would expand in the 

second and third compartments and not 
follow rectilinear paths. 

Size and Number of Molecules. —Gas 
molecules arc regarded, for purposes of the 
kinetic theory, as perfectly elastic spheres, 
which, since they are in rapid motion, re- 
peatedly collide with one another or with 
the walls of the containing vessel, and re¬ 
bound unchanged and uninjured after each 
(collision, no energy being dissipated as heat. 
We now know that molecules arc (‘omplex 
structures (VoL II), but if the interior struc¬ 
ture remains unaltered after collision, we 
may, for mathematical purposes, regard 
molecules as elastic spheres. The volume 
actually occupied by the mole(*ules them¬ 
selves is small compared with the space 
^ they inhabit, so that, except during collision, 
the individual molecules are relatively free 
from each other’s inlluence. Thus, for ex¬ 
ample, I c.c. of water when turned into 
steam at C, oc(*upies a volume of 

approximately 1700 c.c. under atmospheric 
pressure, so that the molecules in the steam 
are approximately ^/ITOO or 12 times as far 
apart as in the liquid. 

The number of molecules in a gramme-molecule, that is to say in 
22’4' litres, of gas at N.T.P. is inconceivably great, amounting to 
6*064 xlO^^ This is known as'^vogadro’s Number, and is denoted 
by N. The number of molecules in 1 c.c. of gas at N.T.P. is denoted 
by n, and is occasionally called Loschmidt’s Number. The im¬ 
mensity of the value of N is indicated by the statement that if an 
ordinary evacuated electric light bulb were pierced with an aperture 
so that one million molecules of air could enter per second, 100 million 
years would elapse before the air inside the bulb could attain to the 
ordinary pressure of the atmosphere (Aston, 1924). 

It is obvious that the molecules must be very minute when so vast 
a crowd can inhabit so small a volume, and in the accompanying table 
are given the effective diameters of the molecules of several typical 
gases, together with the mean free paths, A, at N.T.P., by which 
expression we mean the average distance travelled by a molecule between 
tw o successive collisions with other molecules. In the solid and liquid 
states the mean free paths are of much the same order as the molecular 
diameters themselves. 

The close similarity of the data for carbon dioxide and nitrous 
oxide, and for nitrogen and carbon monoxide, is noteworthy, and an 
explanation by the theory of the cubical atom is given in the sequel 
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Molecular Data. 


Gas. 

Form¬ 

ula. 

Molecular 

Diameter, 

cm. 

Velocity * 
in Cm. per 
Second, 

u. 

Mean Free 
Path at 
N.T.P. 
in Cm., 

L 

Number of 
Collisions per 
Second, 

«./L 

Hydrogen 

ti, 

2*17xl0-« 

183,8(X) 

17*8 X 10-® 

10330 X10« 

Oxygen 

0, 

2-71 

46,100 

10-2 „ 

4520 „ 

Nitrogen 

N. 

205 „ 

49,300 

9*5 „ 

5190 „ 

Carbon monoxide . 

CO 

2-74 .. 

49,300 

9-5 „ 

5190 „ 

Nitric oxide . 

NO 

2-59 „ 

47,700 

9-4 „ 

5070 „ 

Carbon dioxide 

CO, 

2-00 „ 

39,300 

6-5 „ 

6050 

Nitrous oxide 

N,0 

3-33 „ 

39,300 

6-5 

6050 „ 

Sulphur dioxide 

SO, 


32,600 

4-7 „ 

6940 „ 

Water vapour 

H,0 

2*27 

61,500 

7-2 „ 

8540 „ 


The knowledge of Avogadro’s Number gives us a method of calcu¬ 
lating the mean mass of the molecules wlien the gramme-molecular 
weight is known. Thus, for example, tlic gramme-mok^cular weight 
of oxygen is 32. The mass (m) of any single molecule is therefore 

= 5«28 X gramme, 

6-064 ^ 

Velocity of Gas Molecules. —Just as in a crowded city street all 
the people constituting the crowd arc not moving with the same 
velocity, so there is a difference in the velocities of the molecules in a 
gas. Even if, at any one instant, all the molecules did possess the 
same velocity, a moment later they would differ widely again in this 
respect, since their energies change on collision. We may assume, 
however, that the resultant action of the impacts which each molecule 
suffers over a protracted time interval, with its kinetic energy con¬ 
tinually changing, equals that which would result if all the impacts 
occurred with the same uniform mean kinetic energy, Jmw®, where m 
is the mass of each molecule and u is defined as that velocity which 
gives to the expression the value equivalent to the mean energy 
of motion of the molecules. This is equivalent to saying that if all the 
molecules possessed the same velocity u, the gas would have the same 
kinetic energy as it possesses with its random distribution of velocities. 

The value thus obtained for u is not the arithmetic mean or average 
velocity, e, which is evaluated by adding all the velocities at a given 
moment together and dividing by the number of molecules, n. It is 
clearly the square root of the mean square of the molecular 
velocities divided by n, and may be expressed mathematically as 

+. . . . . . ( 10 ) 


* Square root of mean square molecular velocity at 0° C. calculated from 
equation (16), p. 66. 
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It can be shown (Maxwell, 1860) that 

ISu^ 

c = j-—^0^92rsu . 


or 


3tt 

*■ 

W-1-0855C. 


( 11 ) 


The nuinber of collisions ])er second undergone by an individual 
molecule in a gas at N.T.P. is termed the collision frequency, and 
data for a few gases are given in the table (p. 53). 

^ Kinetic Explanation of Gas Pressure.— During the intervals 
between successive collisions gas molecules may be regarded as travel¬ 
ling in straight lines, the effect of gravity being too minute to cause 
appreciable deviation. Owing to collision, both 
the velocity and the direction of motion arey:*on- 
tinually altering, and for the present the time 
occupi^ by a collision may be regarded as negli¬ 
gible.^ We shall refer to this ])oint again later 
(p. 65). Suppose, now, we consider a cubical 
vessel, the length of whose edge is / cm. (tig. 9). 
The vessel is filled with gas at N.T.P. and contains 
9 . n molecules, each of mass m, the square root of 

the mean square of the velocities being u. In 
future we shall refer to this simply as the velocity, and assume that each 
molecule moves with this particular velocity. 

A molecule will not necessarily be moving in a direc'tion at right 
angles to any wall of the containing vessel. We may, however, regard 
its velocity as made up of three component velocities aiul Wg, 

parallel to the edges of the cube, these components being related to 
the actual velocity as indicated by the equation 

=^1^-f'^2^ .... (12) 


Consider an individual molecule, moving with velocity Ui and 
striking one of the faces of the cube perpendicularly. As it is perfectly 
elastic and the wall of the cube is also perfectly elastic, the molecule 
will rebound along its own path towards the opposite face of the cube. 
Before collision the momentum of the molecule was mUi; after collision 
its momentum is numerically the same, but in the opposite direction. 
Hence the change in momentum during collision is 2mwi. 

It is these impacts on the w^alls of the containing vessel that cause 
the effect which we call pressure. This can be calculated, since change 
in momentum equals impulsive force. The distance between the two 
parallel faces of the cube is Z, so that assuming the molecule is un¬ 
hindered by collision with other molecules, it will strike the opposite 
face in seconds, only to rebound again. The total number of 
collisions on the two parallel walls made by this molecule per second 
will thus be ujl, so that the total change of momentum per second, or 
in other words the force exerted by the molecule on the two faces, is 


2mui X ujl 

We have, however, only considered the velocity component It 
is obvious that on all six sides of the cube the total force exerted by 
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our single molecule is 

2mu^ 

For the n molecules present in the cube the effect is 

2fimu^jL 

As this force is distributed over the six faces of the cube, the force per 
unit area, tliat is, the pressure, P, is given by 

2nniu^ 1 

I ^ ^ ^ 

= \nmu^jV\ 

or, since is the volume, we may write 

PV^lnimP- 

or 

7> = I®"^w2 = lrfM2 . . . (13) 

whpre d is the density, giv(‘n by mn!V. 

'^'The Kinetic Theory and the Gas Laws. —If a gas is maintained 
at constant temi)crature in a closed vessel, it neither gains nor loses 
energy ; t/, therefore, is constant, and since 7i and in are constant, it 
follows that 

PV 

= constant. 

This is Boyle’s Law. 

The total average kinetic energy, F, of the molecules in a gramme- 
molecule of gas is IN mu-. 

Now 

IIT =PF, 

where V is the gramme-molecular volume or 22-1 litres (p. 32); and 

PV^lNrnu^ 

= I • INmu^ 

whence 

.(U) 

That is, the mean kinetic energy of the gas molecules is proportional 
Jto the absolute temperature. This affords us another method of 
expressing the temperature of a gas, namely, in terms of the 
average kinetic energy of the molecules. 

Let us now consider two gases under the same conditions of tem¬ 
perature and pressure. The product PV for the first gas may be 
written as and for the second as Whence 
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Maxwell proved that when the gases are at the same temperature, the 
mean kinetic energies of their molecules must be the same, that is 

and experiment shows that on mixing two chemically inert gases at the 
same temperature and pressure no change occurs in either of these factors. 
From the two equations it is easy to derive that 

This is Avogadro’s Hypothesis. 

Equation (13) may be written as 

/aFF 

- 

^ nm 

^VsPjd 

since the density, d, of the gas is given by 
constant, then 

1 

u or. 


nin 

r • 


. (15) 

If the pressure is kept 


Vd 

which is Graham’s Law of Diffusion. 

^Calculation of Molecular Velocities.—With the aid of equation 
it is easy to calculate the mean velocity of gas molecules under 
specified conditions. Thus, for oxygen at N.T.P. : 

P = 1 atmosphere, 

= 1,013,240 dynes per sq. cm. (p. 18), 


and 


Whence 


d = 1*4290 grammes per litre, 

= 0*001429 gramme per millilitre. 


-V- 


3P 

d 


S X 1,013,240 
6'*001429 
= 46,100 cm. per sec., 

= 17 miles per minute (approx.). 

Since the density of a gas is proportional to the molecular weight, it is 
only necessary to know the molecular weight of a gas with reference to 
oxygen, as standard, in order to calculate the velocity of its molecules. 
Thus _ 

I ~ V doxvseii • dgi 


oxygen • V A/gas 




where M is the gramme-molecular weight. Whence 

, /Moxygen 

261,000 

F iHeas 


( 16 ) 
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A few data, obtained in this way, are given in the table on p. 58. 
The magnitude of these velocities is surprising. Gravity cannot 
appreciably parabolise the paths of the molecules, but it does prevent 
the molecules from escaping to any appreciable extent, otherwise we 
should lose our atmosphere. To escape entirely from the earth, without 
returning, a molecule of oxygen, regarded purely from the point of 
view of a projectile, would require to move with a velocity of at least 
1,100,000 cm, per second at the earth’s surface, which is at least 
twenty times the velocity of the gas at 0° C. On the moon, however, 
whose diameter is only one-quarter that of the earth, the acceleration 
due to gravity is only about one-sixth that on the earth, and to escape 
entirely a molecule need on the foregoing hypothesis only move with 
a velocity of 240,000 cm. per second at the moon’s surface. This is 
very little more than the mean value found for hydrogen, namely 
183,800 cm. per second (Meyer, 1899). 

In actual fact, however, the problem is not quite as simple as this. 
The earth appears to be surrounded by an inner, convection, or 
adiabatic atmosphere, })eyond which is an outer or isothermal 
atmosphere. As regards the inner atmosphere, if it were at rest solely 
under the force of gravitation, its density would fall exponentially with 
the height, //,, above the earth’s surface at sea level. Actually, however, 
the air is continuously agitated and mechanical transference of the 
gases takes place from one point to another. The density, and hence 
the temj>orature, of each portion of air thus transported to a different 
level undergoes change, but before the new temperature has adjusted 
itself to its surroundings, transportation takes place to some other 
l)oint. The relation between the ])ressure and volume is not that 
expressed by Boyle’s Law, but conforms to the requirements of the 
adiabatic gas equation, namely 

P^k.^^kd^ .... (3) 

where d is the density. 

The general equation of equilibrium of the air is 


dP 

dh 


-gd. 


(17) 


On coupling these two equations we obtain, upon integration, 

. (18) 

where is the density at the earth’s surface, and d that at height h. 
Now the absolute temperature T is proportional to (see p. 238), 
whence 

T -T 

— = constant, 


where and T are the temperatures at the earth’s surface and at a 
height h. 

The temperature thus decreases with the altitude. If, now, in 
equation (18) we give a zero value to d, the height at which the density 
of the atmosphere is zero is given by 
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h=k 


<g(y-i) 


(19) 


and by substituting numerical values we find that h is approximately 
30 kilometres. 

We cannot imagine, however, that there is an abrupt and absolute 
end to the earth’s atmosphere at this height, for if such a free surface 
existed, molecules arriving at it from within with hnite velocities would 
pass out into space much in the same way as molecules escape from 
a liquid during evaporation. Such molecules would form an outer 
atmosphere, of low demsity it is true, but of density greater than the 
zero postulated. Collisions w'ould be rare, and although some mole¬ 
cules possessing greater velocities than usual might pass off into space 
and be lost in so far as the earth’s atmosphere was concerned, the 
majority would undoubtedly describe orbits under the influence of the 
earth’s gravitation and fall back again into the inner envelope. This 
outer layer would be isothermal in character. 

The existence of these two atmospheres has been (ionfirmed experi¬ 
mentally, though the average value for the height to which the adiabatic 
envelope extends appears to be considerably less than the 30 kilometres 
calculated from equation (19). It is regarded as probable that the 
adiabatic atmosphere extends up to an average height of about 10-5 
kilometres, at wdiich the pressure is one-quarter of a normal atmosj)here, 
and the temperature 220"’ abs. or - 53° C. Jlcyond this the atmosphere 
is in isothermal equilibrium (Jeans, 1916). 

It was Dalton who first suggested that, since air is a mixture and 
not a compound, the proportion of nitrogen to oxygon ought to increase 
with the altitude, nitrogen being the lighter gas. In the inner atmo¬ 
sphere the composition of the air, owing to convection, remains fairly 
constant, although at high altitudes the percentage of oxygen docs 
appear to be very slightly reduced. As is showm by the following 
results, at an altitude of 2060 metres on the Alps descending currents 
of air were foxmd to contain nearly 0*2 2 )er cent, less oxygen than 
did ascending currents on the succeeding day. 


Mean Percentage of Oxygen in the Air. 

(Leduc, 1893.) 


Sorbonne 

Nice, Nlines, Algiers 
Alps (2060 metres) 

Descending air currents 
Ascending air currents 


. 23*14 to 23*20 per cent. 
28*23 „ 

23*05 

23*23 


In the outer isothermal atmosphere, however, the heavier gases 
tend to sink to the bottom, that is, to the outer surface of the inner 
adiabatic envelope, whilst the lighter ones, such as hydrogen, rise to 
the top. At about 100 kilometres from the earth’s surface, or some 90 
kilometres beyond the outer layer of the inner envelope, it is calculated 
that hydrogen will constitute 90 per cent, of the whole atmosphere, 
whilst at 800 kilometres hydrogen will constitute practically the whole of 
the atmosphere (Jeans, 1916). At this height the mean free path of the 
gas will be approximately 100 metres. At a height of 8000 kilometres 
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the mean free path is relatively enormous and the chance of collision 
is negligible, although the air will still contain about 30,000 molecules 
per c.c. A few of these molecules will undoubtedly escape, but the 
number is negligibly small. The proportion of helium nowhere reaches 
any great value. At 100 kilometres it exceeds the nitrogen, but is 
even then only one-(‘ightiet]i of the amount of hydrogen. 

The application of the kinetic theory to the planetary atmospheres 
is of great interest, although we cannot enter into it here. It will 
sufliee to say that Jupiter, Saturn, Uranus and Neptune maybe expected, 
even more rigidly than the earth, to retain all atmospheric constituents, 
including helium and hydrogen. Venus should have an atmosphere 
not very different in composition from ours, wln’lst Mars ought to re¬ 
tain its w^ater vapour and the heavier gases. Actually Mars appears 
practically to be destitute of an atmosphere, and it may be that its 
proximity to the sun accounts for this, the high temperature of the 
sun giving rise to increased moleeular velocities in the Martian atmo¬ 
sphere and thus facilitating escape of the constituents. 

If we pause to consider the enormous velocities possessed by the 
molecules of a gas, w^e may at first thought be surprised that gaseous 
diffusion should be such a relat ively slow process. A drop of bromine 
allowed to fall in a corner of the room immediately vaporises, but if 
disturbing air currents are excluded, an appreciable time elapses before 
the bromine can be scented a short distance away. Even more remark¬ 
able is the poor conductivity manifested by gases for heat. If heat 
really consists, as we have urged, in rapid motion of molecules, then a 
rise in tcm})erature at a given point ought to be detectable 400 metres 
away in a second or so, provided the molecular motion is rectilinear. 
It must be borne in mind, how'ever, that the molecules arc not free to 
move unchecked over very long paths owing to collision with other 
molecules, which results in zig-zagging, so that the effective movement 
in any one given direction may be comparatively slow. The molecules 
thus execute a motion analogous to that of grains of corn shaken about 
in a box which they very nearly fill (Meyer, 1899). We can, therefore, 
readily understand the slow rate at wdiich vapours will diffuse or heat 
will be transmitted in any given direction. 

Viscosity and Mean Free Path. —That particular property of a 
fluid, whether gaseous or liquid, w^hieh determines its rate of flow when 
acted upon by a given force is termed its viscosity or internal friction. 
The reciprocal of the viscosity is termed the fluidity of the substance. 
Viscosity is a shearing effect caused by layers of the fluid j^assing over 
one another, and is possessed by a perfect gas (p. 44), being quite 
distinct from the forces of molecular attraction which exist in ordinary 
gases and cause them to deviate to a greater or less extent from the 
gas laws. 

The coefficient of viscosity, 77, is expressed in dynes per square 
centimetre, and may be defined as : 

the force per unit area exerted between two parallel layers^ unit distance 
aparty when the velocity of streaming differs by unity in the two layers. 

It may be deduced from the kinetic theory that 

77 =s ^dXu . 

where A is the mean free path, as defined on p. 52. 


. ( 20 ) 
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Writing equation (15) in the form 





and substituting this value for u in equation (20) we have 



( 21 ) 


This is an interesting equation as it gives us a convenient method of 
determining the mean free path of the molecules, and the collision 
frequency, which is given by u\\, A few data obtained in this way 
are given in the table on p. 58. 

Energy possessed by Gases.—The enormous amount of energy 
possessed by a gramme-molecule of gas in virtue of the motion of its 
molecules is surprising. We have already seen (( quation (14)) that 

E^}RT 

^Ipv, 

Whence 

£ = X 1,013,240 X 22,400 

Jd 

— 84 X 1 ()-‘ ergs. 

Suppose, therefore, it were possible for us to stop all the molecules 
contained in 22*4 litres of any gas at 0° C. and under atmos})herie 
pressure ; the work done by the stoppage would be 84,0()(),00(),0()0 ergs, 
sufficient, for example, to raise 850 kilograms through 1 metre, or 
approximately 1*1 tons through 1 foot. The temperature of the gas 
would then, of course, have fallen to the absolute zero. 



Fia. 10. 


Degree of Freedom.—By this term is meant a possible mode 
or direction of motion. Consider, for example, a gas molecule; 
whether it is monatomic or polyatomic it possesses translational move¬ 
ment which may be resolved into three components at right angles to 
each other. We therefore say that the molecule possesses three degrees 
of translational freedom. In the case of a monatomic molecule these 
appear to be the sum total of its degrees of freedom, rotary and vibra¬ 
tional movement apparently being of no account. 

It may be supposed that a diatomic molecule possesses rotary 
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movement as well as translational. As the two atoms must necessarily 
lie linearly disposed, they are probably capable of rotating in two 
ways only, as shown in lig. 10, namely, around horizontal and vertical 
axes. They therefore possess but two degrees of rotational freedom. 
In addition the molecule possesses vibratory movement in one direction, 
namely that of the line joining the centres of the atoms, the atoms 
approaching or retreating 
from each other along this 
line as indicated in fig. 11. 

A triatomic molecule will 
})ossess three degrees of rota¬ 
tional freedom and an equal 
number of degrees of vibra¬ 
tional freedom; and so on. 

In the following table are 
given the number of degrees of freedom which molecules containing up 
to four atoms arc believed to possess. 


Mean, 

Position 


Mean 

Position 



Fm. 11. 


Fio. 12. 


No. of Atoms 
in Molecule. 

Degrees of Frooclom. 

Traiuslational. 

Rotational. 

Vibrational. 

1 

3 

0 

0 

2 

3 

2 

1 

a 

3 

3 

3 

1 

3 

3 

() 


Considerable uncertainty exists as to the numbers of degrees of 
freedom that may be assigned to the molecules of liquids. Certainly 
the molecules will possess three translational degrees of freedom, l)ut 
exactly how many in respect of rotation and vibration we do not know. 
Where solids arc concerned, the molecules are believed to possess 
vibrational degrees of freedom only. In a monatomic solid, such as the 
solid inert gases and the metals, each atom can vi})rate along three 
axes (fig. 12), and thus has three degrees of freedom. It is di Hi cult to 
conceive the molecules of solids as possessing any fre^e translational 
energy, otherwise their crystalline form could hardly be retained. 

Boltzmann's Theorem of the Equipartition of Energy postu¬ 
lates that 

Tiu total kinetic energy of a system is equally distributed between the 
various degrees of freedom. 

To illustrate this, let us take the case of a monatomic, gas, the molecules 
of which possess three degrees of freedom. The kinetic energy of a 
gramme-molecule of the gas is ^RT calories. This is presumed to be 
distributed equally between the three degrees of freedom, so that the 
kinetic energy of each degree is IRT or approximately T calories, since 
R is 1-985. 

The Radiometer.—This piece of apparatus was invented by 
Crookes and beautifully illustrates the motion produced by the unequal 
bombardment of surfaces by gas molecules. It consists of a glass bulb 
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containing four mica vanes attached to the four arms of a cross, pivoted 
to move with but very slight friction about the centre, like a small 
paddle-wheel (fig. 13). Each vane is polished on one face and lamp- 
blacked on the other, the lamp-blacked faces being so placed that they 
all simultaneously move ba(‘kward or forward. The gas-pressure inside 
the bulb is then greatly reduced and the vessel 
sealed. 

When exposed to radiation, as, for exanqde, 
sunlight, the vanes rotate in such a manner that 
their black faces recede from the source of radia¬ 
tion. The complete ex])lanation is by no means 
simple, but an attempt may be made to convey 
an idea to the reader as to what is occurring. 
Tlie black surfaces absorb tlie radiant heat more 
effectively than the polished surfaces, and the 
gas molecules in contact with the lamp-black 
rcceiA'c, in consequence, more kinetic energy 
than those in contact with the polished surfaces. 
This extra energy of the rebounding molecules is 
manifested as a greatta* })r(‘ssurc on the lamp¬ 
black surface, and this surface of the vane re¬ 
cedes. This excess ol‘ ])rcssure, however, will 
(pii(‘kly die off from the general surface of the 
vane, for the rebounding molecules from the 
black sxirfaces will share their additional energy 
with other molecules by collision ; a uniform 
temj)erature gradient outwards from each vane 
will become established and the decrease in 
density, resulting in fewer molecules coming up 
Fig. 13.*— The Radiometer, from the hot side, will compensate the extra 
energy of each collision, so that the })rcssure 
becomes the same on both sides, and the vanes would cease to move 
if this were the whole story. Near the edges, however, compensation 
will not be complete, for the impinging molecules come from a less 
restricted area, and the change in temperature and velocity at impact 
is greater. By using curved vanes, blackened on the convex side, there 
would be a wider distribution of the molecules from the black side, and 
the excess of pressure woidd be greater than with a plane vane. 

If the exhaustion of the glass globe is only partial, the vanes move 
in the opposite direction, namely with their blackened faces towards the 
source of radiation. This is supposed to be due to the heated molecules, 
after collision with the hot surface, colliding with and beating back the 
approaching, cooler molecules, thus causing a reduction in pressure in 
front of the vanes. 

Hirn’s Equation, 1865. —We have already seen that at high 
pressures the gas laws are not rigidly obeyed. In deriving these laws 
from the kinetic theory we have tacitly made two assumptions, neither 
of which is quite correct. These are : 

i. That the volume of the molecules themselves is negligibly small 

compared with the space they inhabit; and 

ii. That the molecules are devoid of cohesion and therefore exert no 

attractive force on each other. 
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At very low pressures and high temperatures these factors are in 
general negligibly small, but as the pressure increases wc cannot afford 
to ignore them. 

Him argued, therefore, that, in the equation 

PV^RT, 

instead of considering the volume Factually inhabited by the molecules, 
we ought to (‘onsider the available free or imoceupied space of that 
inhabited volume, namely V - />, where b represent s some function of 
the (ffective volume of the molecules themselves, though not the actual 
volume. 

The equation thus becomes 

P{V-b)==RT . . . . (22) 

Him also introduced a correction for the second factor, to allow for the 
fact that molecules are not entirely without influence on one another. 
Joule and Thomson (Lord Kelvin) proved in 1854 that when a highly 
cor)ipr(‘ssed gas is allowed to expand into a region of low pressure in 
such a manner that no work is done against external pressure, it never¬ 
theless becomes slightly colder than before. This phenomenon, which 
was true for all gases examined except hydrogen (helium and neon 
must now be included), is explained by the assumption that at high 
pressures considerable attraction exists between the molecules of a 
gas ; expenditure of eiu'rgy is necessary to overcome this attraction 
when ex])ansion occurs, and eonse<iuently a cooling effect is the result. 
At the centre of a mass of gas, a molecule will be attracted equally in 
all directions, so t liat in effect the attractive forces neutralise one another, 
Ihit near the sides of the containing vessel, the molecules must be on 
the whole attracted backwards towards the centre of the mass, and for 
this reason, the velocity with wdiich they strike the sides will be sonie- 
wdiat diminished. The observed pressure is therefore less than would 
be measured if the molecules were without attractive influence on one 
another. 

The attractive forces between the molecules are only effective over 
small ranges of the order of or cm., which is knowm as the 

range of molecular attraction. 

Instead, therefore, of the observed pressure P, Him wTote P+P,, 
where P^ represents the internal or intrinsic pressure of the gas. 
Hirn’s equation (1865) thus becomes 


(P+P,)(F-5) = PT . . . . (23) 


Van der Waals’ Equation, 1873.—This is similar to llirn’s equa¬ 
tion, but instead of wTiting P+P^ for the pressure, van der Waals 
assumed that the attractive force between two molecules was pro¬ 
portional to the product of their masses—^that is, to the square of the 


density of the gas—or, in turn, to where V is the volume. This 


factor may accordingly be written in the form aj V\ w'hcre a is a constant 
depending on the nature of the gas. If P represents the observed 
pressure of a gas whose volume is F, the true pressure, that is to say 
the pressure if no attraction occurred, would be P aj F‘^. Introducing 
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this into Hirn’s equation we obtain the modified form known as van 
der Waals’ equation : 

(p+-^)(V-b)=^RT . . . (24) 

This equation expresses the behaviour of a gas over a wide range of 
temperature and pressure with much greater accuracy than does the 
ordinary gas equation. This is well shown by the data in the following 
table, in which are given the values of iPF for ethylene at various 
pressures as obtained experimentally by Amagat at 20° C. and the 
values calculated from equation (24), the volume being taken as unity 
under atmospheric pressure, the constant a being 0‘00786 and 
b 0 0024. 


Pressure 

(Atmospheres). 

1000 rv 

Observed. 

1000 PV 
Calculated. 

1 

1000 

1000 

4(5 

781 

782 

no 

454 

446 

282 

941 

040 

400 

1248 

1254 


Using the ordinary gas equation 

PV^RT, 

the value calculated for 1000 P V would of eourse have been 1000 for 
each pressure. 

Let us endeavour to obtain a clearer insight into the meaning of the 
constants a and h in van der Waals’ equation. Taking the latter first, 
we arc considering the correction that must be introduced because 
molecules are not mere mathematical points, but have definite volumes 
of their own, the effect of which will be made clear by the following 
consideration. If a sphere of 1 cm, diameter starts to roll by the 
shortest possible path from one side of a box to the other, 100 cm. 
away, it will strike the farther side after moving over 99 cm., whilst a 
sphere of 2 cm. diameter would need to cover only 98 cm. If, further, 
two such spheres move backwards and forwards with the same velocity, 
it is clear that the larger sphere will make the greater number of impacts 
per second, since it has the shorter distance to travel. Hence, the fact 
that a molecule is of finite size means that the number of impacts made, 
and therefore the pressure set up, is greater than if it were indefinitely 
small; and this difference is most marked when the space through 
which the molecule is required to move before impact is much reduced, 
as when a gas is subjected to a high pressure. Evidentiv, then, the 
actual pressure measured is greater than if the molecules were in¬ 
definitely small. Van der Waals found that this increase in pressure 
was equivalent to a reduction of the volume available for compression 
in the ratio V: (F- fc), where b is dependent on, although not equal to, 
the space occupied by the molecules. 

If r is the effective radius of the molecule, supposed spherical, the 
volume oceppied by the molecules is |7rr*Ar, where is A^ogadro’s 
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Number, and the spaee available for compression is reduced by some 
function of this amount, which may be written as /’. f^rrr^N per gramme- 
molecule wherey‘is a constant. In a total volume of V gramme-molecules, 
the loss of space is thus 

/. 

Whence 

Total volume V V 

Available volume V -/. inr^NV ~ V - b' 

Van der Waals calculated that /=4, on the assumption that the 
molecules are spherical. Had any other sha]>c been assumed, a 
different factor would have been necessary. Other investigators give 
the value 4fV 2 or 5-66. 

The significance of b is that, no matter how great the applied pres¬ 
sure may be, the volume of the gas caji never be made smaller than b 
(theoretically). This volume is frequently termed the co-volume. 

Now let us consider the constant a. On collision, a molecule changes 
its velocity ; on approach, there is a fall in velocity, foliowc‘d, on 
scj)aration, by an acceleration. Ela(*h collision, therefore, may be 
regarded as causing a certain loss of time, 6, which givers a measure of 
ih<^ attraction of the molecules for each oth(‘r, that is, of the internal 
pressure The time lost in traversing a path involving x collisions 
will thus be x0, and a molecule will thus return less frequently to the 
walls of the containing vessel than if no collisions took place in the 
proi)ortion of 

1 : 1 +xe. 


The pressure is thus reduced in the same proportion, so that if P is 
the observed })rcssure, the ideal pressure in the absence of molecular 
attraction would be 

P(1 ^xd). 

Now 


■ and 


i,e. 


xocu (velocity) 
XX d (density). 


x=kud 


where A; is a constant. Whence 


Px6 ^PkudO 

= i • kudd, since PV^\NmM^ (p. 55) 

^\du^kudd 

=constant xd^ 

— « 


where a is a constant. 

and 


Whence 

P(l+a!0)=P + ~2 
{p+^^{V-b) = RT. 


VOL, I. 


. (24) 

5 
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The assumption that a is constant is based on the constancy of u^kO^ 
and stands or falls with this. We have no data to confirm or contradict 
this, and herein lies a weakness in the theory. 

The replacement of P hy {p is a much more fundamental 

change than the replacement of F by V -h. It converts a simple 
equation into a cubic one, which may have either one or three real 
roots, and we shall see very shortly how this fits in with experimental 
data. 

Van d(‘r Waals himself realised that his equation must not be pushed 
to extreme limits, and that the replacements given in the foregoing can 
only be accurate w^hen their effect is small, that is under conditions in 
which the gas departs but slightly from the ideal. For example, 
supj)ose V were reduced to a lower value than h, which is physically 
possible ; the equation predicts that either the j)ressure must be 
negative or the temperature must fall below the absolute zero and be 
negative too. Again, the equation may be used in connection with 
temperatures somewhat higher than tlie ordinary atmos])heric tem¬ 
perature, but we shall sec later that when it is strained to calculate 
values near the critical points (p. 103), the data diverge appreciably 
from experimental values. 

Dieterici’s Equation, 1899.—liy the term ajV^ van der Waals 
corrected for the molecular attraction or cohesive force between the 
main body of the gas and its outermost layers in contact with the 
containing vessel, on the assumption that the gas density in the outer¬ 
most layer was the same as that elsewhere. This will not be the case 
under high pressures, when the force of attraction is comparable with 
the gas pressure. On multiplying P of the ordinary gas equation by 
the factor where e is the base of natural logarithms and a and R 
have the same significance as before, wc allow for this variation in the 
cohesive force. Equation (24) then becomes 

Pe^f^^\V--b)^RT 

or, more usually 

.... (25) 

Dieterici found, however, that a was not constant, but depended upon V, 
He therefore substituted a/F for a, so that his equation now became 

P{V , . . (26) 

or 

1 a 

-b)~ RTV ' ' • • 

b having the same significance as in van der Waals’ equation. 

When Fis very large, b may be neglected in comparison, and 
becomes practically equal to unity, so that equation (26) simplifies to 
the ordinary gas equation, namely 

PV^BT. 

Dieterici’s equation coincides with that of van der Waals over small 
ranges of pressure ; when the pressure is very high, however, results 
calculated by the two equations differ appreciably, and in general those 
pf Dieterici agre^ jnpre cloiSely with experimental data. 




= fir/(l J (since P V = RT). 

Whence 

p{l+j!l7i)(V-b)-^RT, 

or 

[p + -l^^)(V-h) = RT. 

The Equation of Clausius.—The t(‘in])erature over which van 
dcr Waals c()mj)arc(l values calculated from his equation with ex])cri~ 
mental data was very limited, and the constancy of a was never in 
doubt. But when Ainagat’s extensive series of observations on carbon 
dioxide became available (1881), Clausius compared his data with the 
corresponding values calculated from the equation, and observed that 
a varied with the tem])erature. He therefore modilied the equation 
as follows : 

where c is a constant, and a is made to vary inversely as the absolute 
temperature. This ecpiation gives satisfactory results with carbon 
dioxide, and agrees fairly well with the data obtained for oxygen, 
nitrogen and ethylene ; but it is less successful with certain other gases, 
and, like the original van der Waals’ equation, is merely an approxi¬ 
mation to the truth. It will be observed that Clausius’ equation is 
still cubic with respect to V. 



CHAPTER IV. 


VAPOUR PRESSURES OF SOLIDS. 

All solid substances give off \'apour and exert a distinct vapour 
tension at a fixed tenij)crature. The odour which sonic solid substances 
emit is proof of tlie existence of a vapour ])ressure. Canijihor is a case 
in point. Its odour, whicdi is characteristic, is due to volatilisation of 
the solid at the ordinary tem])(Tature without j)assing through the 
liquid stage. Ju many eases—for example those of the metals, metallic 
oxides and salts -the va})our pressure must l)e exeec'dingly small at the 
ordinary temperature, but the fact that many nudals have be(‘n 
sublimed under low pressures at temperatures far below their melting 
points affords evidence of the existence of a percejitibk* vaj)our ])ressure 
even at ordinary temperatures. Zenghelis (1905) found that a piece 
of silver foil exposed for some months at the ordinary temperature in a 
closed vessel containing a metal, or one of its oxides or salts, became 
alloyed with the metal present in the substance cm})loyed. 

In the process of Dry Galvanising or Sherardising, as it is often 
termed, advantage is taken commercially of the vaporisation of zinc at 
temperatures below the melting point to effect the superficial alloying 
of iron with zinc in order to protect the former from corrosion. The 
cleaned iron (or steel) articles are placed in boxes packed with zinc 
filings and warmed to a temperature that is kept well below" the melting 
point of the zinc (420° C.). The zinc vapour gradually unites with the 
iron to produce a closely adherent protective coat. This process enjoys 
one very distinct advantage over the dipping or wet galvanising process 
more generally employed, in that crevices or sharp patterns which by 
the latter process would become filled in or obliterated, by the former 
process are less seriously affected. 

Even ice evaporates slowly, and the gradual disappearance of snow 
exposed to cold, dry winds at too low" a temperature to allow of melting, 
is due to slow volatilisation. Ice crystals may be formed directly by 
cooling water vapour, without the intervention of liquid water, this 
process being the exact reverse of volatilisation. 

A solid substance which passes off as vapour in this manner without 
liquefaction is said to volatilise. By cooling the vapours so formed, 
condensation to the solid state is again obtained; the whole process 
of volatilisation and condensation is known as sublimation, a process 
which is thus analogous to distillation, in which case liquid and vapour 
instead of solid and vapour alone arc concerned. Thus certain am¬ 
monium salts, e.g. the chloride, arsenious oxide and iodine (if heated in 
a wide vessel), pass off wholly as vapour when heated at atmospheric 
pressure, and may be purified by the process of sublimation. The 
explanation of this phenomenon lies in the fact that the melting and 
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boiling points lie close together. Increase of pressure, which raises 
the boiling point considerably, but has little effect on the melting 
point, will increase the range of temperature between the fusion and 
boiling j)oints and bring about liquefaction. 

At the sublimation point the heat of volatilisation of the solid 
is equal to the sum of the heats of fusion and of vaporisation. 
For every temperature there is a corresponding maximum vapour 
pressure or tension for any })artieular solid ; tliis is known as the 
sublimation pressure. If we draw 
a curve connecting this sublimation 
pressure or tension and the tenqjera- 
ture, a diagram is obtained like that 
shown in tig, 14, on which ST rc])rc- 
sents what is termed the sublimation 
curve. The lower limit of this curve 
is the absolute zero, })rovided, of course, 
no other ])hasc separates out in the 
meantime, and thc‘ continuation of TS 
cuts the abscissa axis there, indicating 
zero tension. The upper limit of the 
curve, namely the point T, is the tem¬ 
perature at which the substance melts 
in contact with its own vapour. This is 
not the “ true ” melting point, since the 
latter is defined as the tcmjierature at w hich the substance liquefies under 
the ordinary atmospheric pressure; but numerically the difference is very 
minute. For exanqile, ice melts at 0° C. under atmospheric pressure. 
This is the true melting point and is, of course, one of the fixed 
points in thermometry. Hut in vacuo, in contact only with its own 
vapour, the temperature at which ice melts is +()-()()76° C. This is 
knowui as the triple point, since at this temperature ice, liquid water 
and water vapour, that is, the three “ states ” of water, co-exist in 
ecpiilibrium. Generally speaking, then, the ujiper limit of the sub¬ 
limation curve is the triple point, although the possibility of the 
existence of a superheated solid ought not to be overlooked. The 
sublimation curve does not coincide with the vaporisation curve CT 
of the supercooled liquid, but is always lower, and cuts the curve CTL, 
which is continuous, at an angle. The difference between the vapour 
pressures of ice and supercooled water at the same temperatures is 
illustrated by the following data : 


+ 00076 

temperature "C 
Fio. 14. “- Vapour Pressuro Curves 
of Solid and Liquid Water. 


Vapour Pressures of Supercooled Water and of Ice. 

(Scheel and Heuse, 1909.) 


Temp., °C. . 

0 

-2 

-4 

-8 

-12 

-15 

lec (mm.) 

Sujiercooled water 

4-579 

3-885 

3-2S8 

2-837 

1 -044 

1 -258 

(mm.) 

4-579 

3-958 

8-418 

2 525 

1 -848 

1-445 


At the absolute zero these vapour pressures w'ould correspond to 
the prolongations of the curves TS and TC cutting the abscissa axis at 
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-273° C., asstiining, of course, the supercooled water did not solidify 
before then. 

If we r(‘du(‘e the external ])ressure sullieiently we can reduce' the 
boiling point of a substance to the neighbourliood of the melting j)oint 
and thus induce sublimation of substances that normally do not sublime. 
Tims ice, which readily melts under atmosj)herie pressure, may be 
sublimed under reduced pressure from one part of a vessel to another 
j)art by keeping that second j)art cooler than the first. The ice then 
vaporises and (*ondenses as ice again without intermediate li(piid water 
formation. Carnelley observed this in 1880, and found that at exceed¬ 
ingly low pressures ice could not be melted on heating, but rapidly 
volatilised. He thought the tem])erature must rise above 0" C!. 

Heautiful crystals of white phosphorus may be obtained by st'aling 
a little of the ordinary white substance in an evacuated tube, very 
gently warming to cause the element to melt and collect in one end 
of the tube. The other end is wra])})ed round with a W(‘t cloth to 
keep it cool, and the whole is kept in the dark. Afte r a few' hours or 
days, according to the cinaimstances, crystals of pliosphorus will have 
collected in the cooler end, the element iiaving sublimed from the 
w'^armer end. It is essential to keep the tub(? dark, as light destroys 
the crystals. 

The volatilisation of filaments in electric glow' lamps is a ])heno- 
mcnou that has received much attention on account of its (*ommereial 
importance. Tungsten is ordinarily used in the ])reparation of the 
filaments because of its high melting point (a])prox. 3267° C\) and com¬ 
parative non-volatility at higli temperatures. In the ordinary evacanated 
tungsten lamj) a temperature of about 2130° C. may be attained with 
safety, but at higher temperatures the tungsten shows appri^ciable 
volatilisation and sublimes as a black deposit on the glass, thus redu(*ing 
the efficiency of the lamp. By coating the filament with a layer of 
certain salts, such as sodium chloride or phosphate, calcium fluoride or 
})otassium cyanide, this darkening may be overcome, for on ]>assing 
the current tlie salt sublimes as well as the tungsten and condenses on 
the glass. The tungsten appears to dissolve in this de])osit, yielding an 
almost colourless solid solution wdiich absorbs the light much less tlian 
a coherent metal film. The volatilisation of the tungsten may also be 
reduced by filling the lamp with an inert gas such as argon, under 
diminished pressure, usually about half an atn»osphere. Iligher tem¬ 
peratures may then be realised with saf ety, and very powerful illumina¬ 
tion obtained. 

Velocity of Volatilisation and Sublimation.—Condensation in 
a vacuum is determined by the tem]>erature of the vapour and of the 
surfaces upon which deposition tends to occur. It a])pears that the 
vapour of a metal, upon encountering a surface of the same substance, 
will always adhere, Vmt if it encounters the surface of a different sub¬ 
stance, its molecules will only adhere if the temperature of that sur¬ 
face is below a certain critical value (Knudsen, 1916). For glass and 
mercury the critical temperature is about -135° C., and for glass and 
silver it is above 575° C. If, therefore, mercury vapour is brought into 
contact with a glass surface below -135° C. its molecules will adhere, a 
sublimate of solid mercury being obtained ; but above this temperature 
the molecules of mercury will be completely reflected. 

The fraction of the molecules which condenses on impact with the 
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solid surface is called by Knudsen the accommodation coefficient, 
and denoted by a. If r is the fraction reflected, tlien 

a == 1 - r. 

On the assumption that r is negligibly small, and hence that practi¬ 
cally cveiy molecule of vapour (condenses on striking the surface of 
the walls of the containing vessel, the velocity of volatilisation or 
sublimation of a metal in a uniformly heated system admits of easy 
calculation. 

It is obvious that if a^^-O, that is, if every molecule on striking the 
walls of the containing vessel were reflected, none })cing retaim'd, the 
vaj^our pressure of the heated metal would reach a maximum for any 
particular temperature, a dynamic equilibrium being attained such that 
as many molecules return to the metal in unit time as evaporate from 
its surface. 

Let us consider 1 centimetre cube of metal vapour, one face of 
wdiich is bound(‘d by the metal. The metal molecules are ejected in 
I'aciio in straight lines, and half the molecules in our cube will be moving 
away from the metal, whilst the other half are moving towards it. If 
d is fhe vapour density, the mass of gas moving towards the metal 
is d/2. 

If V is the mean arithmetical velocity of the molecules, the average 
com})onenl in any direction is c/2, so that the mean mass m of the metal 
mol(‘cules striking the surface of the metal is given by 

= . . . . ( 1 ) 


Rut, from the kiindic theory, it follows that 


d 


EM 

^ HT 


( 2 ) 


where P is the j)ressure, M the molecular weight and R the gas constant. 
We have already seen (etjuation (11), ]>. 51) that 
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( 3 ) 


since P \du^ (p. 55). 

Inserting the vain? for the ratio djP from equation (2), we have 

c 

Whence, from equation (I) 

m = 


jsKT 

■ (4) 

V ttM 

1 MP^ 

. (5) 

^2nRT 


where m is expressed in grammes per sq. cm. per second. This equation, 
then, gives the relation between the vapour tension, P, and the rate of 
volatilisation, m, of a metal in vacuo. It is a general equation and 
applies also to solids other than metals. 
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Determination of the Vapour Pressures of Solids. —This nmy 
he effected either statically or dynaniieally. The static method is of 
value when the solid has an appreciable vapour pressure. For example, 
the vapour pressure of ice at various tempcratiires may be obtained by 
introducing water into the Torricellian vacuum of a barometer tube 
over mercury, cooling to convert to ice and noting the depression of 
the mercury column compared with a standard barometer. The 
dynamic method consists in determining the loss of weight which 
the substance sustains when a known volume of air or other substance 
is passed slowly over its surface. 

Influence of Temperature on Vapour Pressure. —As the 

temperature rises the va})our pressure increases, as indicated by the 
curve in fig. I t. Several coinjilicatcd formuLT have b(*cn suggested to 
give mathematically the connection between va})our jiressure and 
temperature. The formula 

logP=-"+/; .... (0) 

where a and h are eonstauts, ap})lies to solids yielding monatomic 
vapours, such as most metals and the inert gases of (iroup () of the 
Periodic Table (Egerton, 1021). The following values for a and b are 
typical : 




6. 

Zinc 

0170 

S-107 

Lead 

1020.5 

8-3105 

Ficsium . 

.175.1 

7-250 

Argon 

l.OS-8 

7-5811 


This formula is identical in ty})e with that given on p. 90 for 
liquids. 




CHAPTER V. 


VAPOUR PRESSURES OF LIQUIDS. 

Every liquid exhibits a tendency to evaporate or pass into a state of 
vapour. If a liquid is sealed in a tube from which air has been renioved, 
evaporation will oeeur until, for any one temperature, a state of equili- 
briuju is rcaeiied between the va])our esea])ing and that re-entering 
the licpiid. In this condition the pressure which the vapour exerts, 
called its vapour pressure, eount(T})alanees and is therefore equal 
to the vapour tension, or tendency of the liquid to evaporate. The 
vapour tension and vapour pressure increase with rise of temperature, 
and, in order that the actual value of the vapour tension may be 
measured, liquid must be ])resent as such. Since under these conditions 
the vapour ]iressure is a measure of the vapour tension, the two terms 
are often employed indiscriminately. 

On })lotting the va])our pressure against the temperature, a curve 
of the general form indicated in fig. 14* is obtained. Its lower limit is 
normally the melting point of the solid, or rather the triple point 
(sec j). 09), but since a liquid can be supercooled, the vapour pressure 
curve can be extended below the melting point; the upper limit is the 
critical temperature {vide infra, p. 00). The vapour pressure of a 
superc’ooled liquid is always greater than that of the solid of the same 
eom])osition at the same tem])erature. The data for supereooled w^ater 
and ice down to 15^’ C. have already been given (p. Of)) and illustrate 
this point. 

The following ligures re])rcsent the vapour pressure (in millimetres of 
mercury) of water at various temperatures: 


"C. 

mm. 

T. 

mm. 


mm. 


mm. 

-20 

0-900 

15 

12-728 

90 

520-0 

250 

29,951 

-10 

2-159 

20 

17-400 

100 

700-0 

300 

07,020 

0 

4-579 

25 

23-540 

120 

1,503-0 

350 

120,924 

5 

6-528 

50 

92-17 

150 

3,578-0 

300 

141,805 

10 

9*179 

75 

2<S9-32 

200 

11,025-0 

304*3 

147,904 


The above figures represent not only the vapour pressure curve, 
but also, as will be evident from the dynamical method of measuring 
vapour pressures, the curve indicating the relationship between boiling 
point and pressure. 

The boiling point of a liquid is defined as the highest te^nperature 
attainable by a liquid undet* a given pressure of its oxm vapour when heat 
is applied eiciernaily and evaporation occurs freely from the surface. 
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Thus, from the foregoin^r data, it is clear that the boiling point of water 
at 700 nun. pressure is 100° (\, at 1503 mm. 120° C., and so on. 

Experiment shows that the pressure of vapour in equilibrium with 
its liquid is reduced by tlic presence of an indifferent gas. This is 
contrary to Dalton’s Law of Partial Pressures, but, as is mentioru'd 
later, this law is not strictly true (p. 343). It is for this reason 
that, in accurate work, the boiling j^oint of a liquid is determined 
under a ^Wen ])ressure of its own vaj)our in the entire absence of 
any other gas or va])our. Except in special eases, such as molecular 

^ weight determinations, which 
are discussed in a later cliaj)ter 
(Chapter XX.), the temperature 
of the vapour issuing from a boil¬ 
ing liquid is measured, and not 
C the temperature of the licpiid 
itself. 

I’wo methods are available 
for the determination of vapour 
pressures, namely : 

(i) The so-called static metliod, 
in which the depression 
of the barometer eolumn 
(’aused by the eva})oration 
of the li(piid above the 
mer(*ury is measured. 

(ii) The dynamic method, 
vvliieh consists in causing 
the liquid to boil under 
a definite pressure and 
measuring the tcm})era- 
tiire of the vapour. 

By way of illustration of the 
former of these methods, the 
apparatus used in determining 
the vapour pressure of carbonyl 
Fig 15.-Apparatu» for Itetermining Vapour or phosgene, C'OCl„, be- 

turos below 18 ■ C. tween -183° and +18° C. may 

be described briefly (Atkinson, 
Hey cock and Pope, 1920). The pure chloride w^as distilled into 
the flask C (fig. 15), fitted with a thermocouple or thermometer, T, 
by means of which the temperature of the liquid could be determined 
with great accuracy. The flask was attached to a differential manometer, 
AB, placed in front of a silvered mirror on which a millimetre scale was 
engraved to avoid parallax. The mercury was run out of the mano¬ 
meter and the whole apparatus thoroughly exhausted in order to remove 
every trace of air. The mercury was then brought back into the 
manometer, and the vapour pressures determined when the liquid in C 
was maintained at various temperatures by subtracting the length of 
the column AB from the barometric height at the time of the 
experiment. 

As liquid phosgene boils at 8-2® C. under normal atmospheric 
pressure, it was necessary to employ a different kind of apparatus in 
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'-Liquid 

COCI2 


order to determine the vapour pressures at temperatures above about 
18° C. This consisted of a sealed tube A (fig. 16), containing liquid 
carbonyl chloride, and a special manomcici- M, the to]) jiortion of which 
was graduated, silvered internally and filled with dry air. The tube A 
had been })urn})(?d free from air prior to sealing, so that the space above 
the li(j[uid ])hosgene contained v^apour only, the pressure of which was 
indicated by the height of the mercury in M. The whole was warmed 
to th(‘ desired temperature in a water bath, the mercury being forced by 
the increasing vaj^our ])ressure in the tube further u[) into the rnano- 
nK'tcr. As it rose the mercury dissolved the silver from the glass, and 
at the end of the exq^eriment it was easy to 
determine the height to which the mercairy 
column had penetrated, and hence the ])ressure. 

A differential method for the measurement 
of the vapour pressure of a liquid has been 
devised (Jolly and llriscoe, 1926) which consists 
in scaling u}) the liquid free from gas in a simj)lc 
U-tube and then observing tlic difference of 
lev(‘l Ix^tween tlu‘ li(piid in the two limbs 
maintained at different but constant tempera¬ 
tures, and repeating the observations for suc¬ 
cessive temperature intervals. One must, of 
course, know', for reference ])urposes, the ab¬ 
solute value of the vapour pressure at one 
temperature, but once that has been ascer¬ 
tained it is easy to derive from differential 
measurements the absolute vapour pressures 
at any other temperatures. 

Determination of the Boiling Point.— 

Let us first consider the boiling point of a pure 
litpiid. When })laced in a long-neeke^d llask 
and gently heated some of the liquid turns into 
vapour and expels a ])ortion of the air from 16.—Apparatus for Do- 

the flask. As llie temperature rises, the rate 
of evaporation of the liquid increases until 
ultimately vapour is evolved very rajndly, the 
temperature of the liquid remains constant, and we say that boiling or 
ebullition has commenced. The air in the flask is fairly quickly expelled 
and the liquid surface is thus ultimately in contact with its ow'ii \ apour 
idiase only. 

So far all is straightfoiwvard and clear, and if we insert a thermometer 
into the flask with its bulb in the boiling liquid we get an approximate 
value for the boiling point. 

If, however, an accurate and readily reproducible value for the 
boiling point of the liquid is desired, w^e must take a number of points 
into consideration. Assuming the heat is applied to the bottom of 
the flask, it will be evident that, before a bubble of vapour can form at 
the bottom, not only must it overcome the pressure of the vapour 
above the liquid, and the pressure of the liquid itself, but it must also 
overcome the force of attraction of the liquid molecules for themselves 
and for the walls of the containing vessel. If the containing vessel 
is very clean and smooth, and if the liquid is free from dissolved gases, 
the temperature of the liquid may be raised very appreciably above 


r ' 

1 







w 

1 


-Mercury 


of Carbonyl Chloride above 
18" C. 
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the true boiling point before a bubble of vapour is formed. Wc say 
then that the liquid is superheated. When eventually a bubble of 
vapour does form, it is superln^ated and tends to ex|)and very raj)idly, 
often with explosive \'iolenee, its teni])erature falling and approaehing 
the true boiling tem])erature. The temperature of the liquid falls 
likewise, only to rise again if no further bubbles are formed, until the 
proeess is repeated. Under these eonditions the liquid is said to 
“ bump,” and its tem})erature thus depends parlly on the })ressure 
and ])artly on the ease with whieh bubbles of vapour are formed within 
it. For this reason it is not usual in praetiec*, when a(‘(airate data are 



Fio. 17.—Apparatus for Determining Boiling Boint of a Pure Liquid. 

required, to determine the boiling point of a pure liquid by inserting 
the thermometer into the liquid. 

Now as regards the vapour ; this, as we have seen, may or may 
not be superheated when it leaves the liquid. But it soon (‘ools and 
condenses, and its temperature of eondensation in the presence of its 
own liquid j^hasc depends only on its pressure, and is thus identical 
with the true boiling point of the liquid. In practice, therefore, it is 
usual to determine the boiling point of a pure liquid by immersing the 
thermometer bulb in the vapour of the boiling liquid, or by surrounding 
the thermometer bulb with liquid under such eonditions that this 
evaporates freely under the influence of external heat, but cannot “ boil ” 
in the accepted sense of the term. A suitable apparatus is shown in 
fig. 17. This is partially or completely exhausted, as the case may be, 
and a little liquid from the reservoir A is allowed to flow on to the 
cotton wool C, surrounding the bulb of the delicate thermometer T. 
The temperature of the oil bath is maintained at some 20® C. above that 
of the thermometer. The liquid evaporates and expels the air from 
around C, and as more liquid is admitted it is soon surrounded by its 
own vapour, free from air, and thus attains its true boiling point. The 
pressure is registered by the manometer M, whilst D is kept at constant 
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temperature in an iee or water bath. Air may now be admitted 
through E, thus altering the pressure, and the boiling point is again 
determined under this new pressure ; and so on. Under these condi¬ 
tions superheating is impossible. 

Sometimes, however, it is necessary to ascertain the temperature 
of the boiling liquid, and not that of the vapour. This is the case, for 
example, in molecular weight determinations by cbullioseopic methods 
(p. 421), and when it is desired to know the temperature at which 
certain solutions boil, for, as we shall see later, the boiling point of a 
liquid is altered by the i)resencc of dissolved substances. To eliminate 
superheating, })ie(?es of granite, porous ])or(!elain or, best of all, platinum 
tctrah(‘dra are added. Whatever the method of heating, how^ever, a 
bubble of vapour formed at the bottom of a mass of liquid is under a 
]:)rcssure not only of the vapour, Imt of the licpiid column also, so that 
when boiling oecairs, the temperature at the bottom will be slightly 
greater than that of tlie surfae(‘ layer. Sometimes superheating is 
eliminated by allowing air from a capillary tube to enter the licpiid. 
This introduces a very slight error, which, however, in most eases may 
be neglected. The error is due to the fact that the true boiling point 
depends on the pressure of the \'a|)our and not necessarily on the total 
pressure of vapour plus air to which the licpiid may be exposed. 

At high tem])eratures, boiling ]>oint determinations are effected by 
measuring, either by thermoc*ouj)lcs, iilatimim resistance thermo- 
meters, optical pyrometers or some other suitable means, the tem¬ 
peratures at which vigorous ebullition of the liquids occurs. In 
Greenwood’s measurements (1909) of the boiling points of metals, the 
latter were lieated, cither in a carbon tube cruc‘iblc or in one of graphite 
lined with magnesia, by an electrical resistance furnace, and when 
vigorous ebullition occurred the lenqieraturc was noted by an optical 
pyrometer directed against the bottom of the crucible. 

For the standardisation of thermometers the following boiling points 


have been r(‘eoinmended : 

B.pt. 

(760 inm.). 

Naphthalene . . . . 217*96 °C. 

Benzoic acid .... 250*05 „ 

Phthalic anhydride . . . 285*10 „ 

Benzophemone .... 305*9 „ 

Anthracene ..... 339*9 „ 

Anthraquinone .... 376*85 „ 


It is more usual, however, to use melting and transition temperatures, 
as these are not affected by small changes in the pressure of the 
atmosphere (p. 135). 

The Spheroidal State.—Everyone is familiar with the fact that 
water, splashed on to a hot metal sheet, assumes the siiheroidal state. 
Small spheres of the water roll about on the surface of the metal, 
gradually becoming smaller through evaporation, until they disappear. 
The temperature of the water does not attain the boiling point, the 
reason being that the water is separated from the plate by a cushion 
of steam, more or less admixed with air, so that it can take up the heat 
only slowly; further, it is elsewhere surrounded by steam largely 
admixed with air, so that the partial pressure of the water vapour is 
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considerably below the atmospheric pressure. The result is that the 
water evaporates away, but never boils. If the ])late is allowed to 
cool, a tem])erature is ultimately reached at which the globule of water 
flattens out and boils away rapidly. 

A similar phenomenon is observed when a pellet of sodium is thrown 
on to water. At first hydrogen is evolved, and a molten globule 
of sodium hydroxide at a high temperature is ultimately left floating 
about on the surface of the water, but not actually in contact with it, 
being separated by a cushion of steam. As the globule cools, however, 
a temperature is eventually reached at which it (*omcs into direct 
contact with the w^ater and bursts wdtli a sliglit report, rapidly ])assing 
into solution. 

A striking illustration of the same kind of thing is afforded by 
pouring some liquid sul})hur dioxide (b.])t. - 1 ()•()" C.) into a red hot 
platinum crucible. It immediately assumes the spheroidal condition, 
and, upon adding a little w^ater, the latter is frozen and a block of i(*e 
is obtained on inverting the crucible. Similarly, by the use of liquid 
nitrous oxide (b.pt. -88*7*^ C.) solid mercury can be (d)taincd in a red 
hot crucible. If a ball of platinum is heated to briglit redness and 
suspended in a beaker of water, the latter recedes from it, leaving an 
envelope of vapour round the metal. The ])latimim thus remains 
red hot for several seconds and cushioned off from the water until its 
temperature has fallen to about 150° C. Contact then takes place and 
the water boils vigorously. 

Pressure and the Boiling Point. —By means of the Clausius- 
Clapeyron Equation we art* able* to calculate tlu* effet't of changes of 
pressure on the boiling point. The equatio!i (Vol. II) may be written 
in the form 


dP L 

dT^T(V- Fi) 


( 1 ) 


where L is the molecular latent heat, and and V are the volumes of 
the liquid and vapour respectively at the boiling temperature T on the 
absolute scale. 

As is well known, water, under a normal pressure of 760 mm. of 
mercury, boils at 100° C. Let us then calculate the pressure under 
which water w^ould boil at 102° C. : 

Since the volume of steam is very much greater than that of the 
water from which it is obtained, may be neglected, and equation (1) 
may be simplified to 

... m 

dT TV ^ ’ 


Assuming tliat steam oljcys the ordinary gas laws under the eonditions of 
the experiment, we may write 


PV=llT 



Inserting this value for V into equation (2) we have 


dP _ LP 
dT RT^ ■ 


(8) 
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The pressure may be expressed in terms of millimetres of mercnxry ; the 
latent heat of steam is 539 gramme-ealories per gramme ; the moleeular 
weight of water is 18*016 ; and, finally, for the gas eonstant, R, we 
may write 1*985 gramme-calories. Equation (3) thus becomes 


dP^dT 


LP 

RT^ 


2 X 539 X 18*016 X 760 
1*985x373 x373 
= 53*4 mm. 


The total pressure is thus 760+53*4 or 813-4 rnrn. of mercury. The 
experimental value is 815*9 mm. 

The boiling temperatures of water under v arious pressures ranging 
from 720 to 778 mm., l)ascd on the observations of Uegnault, are given 
in the following table : 


Variation of the Boiling Point of Water with Pressure. 


l*re.s.suro, 
mm. Hg. 

Tcmix-rat uro, 
"C. 

Pressure, 
mm. Hg. 

Temi>erature, 

C. 

Pri‘ssure, 
mm. Hg. 

Temjjeraturo, 

C. 

720 

98-493 

740 

99-255 

7(i0 

100-000 

722 

98-570 

742 

99*331 

702 

100074 

724 

98-647 

744 

99-406 

761 

100-147 

726 

98-724 

746 

99-481 

766 

100-220 

728 

98-800 

748 

99-555 

708 

100-293 

730 

98-877 

750 

99-6.30 

770 

100-.306 

732 

98-953 

752 

99-704 

772 

100-439 

734 

99-029 

754 

99-778 

774 

100-511 

736 

99-104 

756 

99-852 

776 

100-584 

738 

99-180 

758 

99-926 

778 

100-656 


The hypsometer is a small portable piece of apparatus which enables 
the boiling point of water to be determined at any plac^e. The water 
is placed in a small tube or boiler and is heated by means of a spirit 
flame beneath, whilst the vapour in its passage to the open air heats 
a delicate thermometer. The instrument is sometimes used for deter¬ 
mining the altitude of a place, since the boiling point of water falls 
through 1° C. for cveiy 1000 feet rise above sea level, A more general 
expression is that of Soret, namely 

= 295 ( 100 -<) 

where h is the height above sea level expressed in metres, and t the 
ebullition temperature. 

Ramsay and Young's Rule, 1885 ,—Experiment shows that the 
absolute boiling points of tw^o closely related substances under equal 
pressures frequently bear a simple relationship to (‘aeh other, which 
may be expressed mathematically as 

A ~ ^ « constant . 

I2 **2 


(4) 
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where and are the boiling points of the two substances under a 
pressure p, and 7\' and those under a pressure 'p\ As examples 
of closely related substances may be mentioned methyl and ethyl 
acetates, ethyl bromide and iodide, chloro- and bromo-benzencs. 

For less closely related substances, and indeed for widely different 
substances, the following formula is found to apply : 

. . . (5) 

•^2 ^2 


The value for k is usually small, vanishingly so for ck)S(‘ly related 
substances, but for more widely different substances it is progressively 
greater. In the ease of methyl acetate and ])cnzene, for exanij)le, it is 
000014<1. 

As the above formula ^applies from very low pressures up to the 
critical point (p. 00), it has several useful features. To l)egin with, it will 
be ob\'ious that if the boiling points of a pure substanet* are known o\aT 
a wide range of {)ressures, those of a second pure substance can readily 
be eakailated over the same pressure range j)ro\ ided k is known. For 
this })urpose it is only necessary to determine the boiling ])oints of the 
second substance at two or three pressures sulheic'ntly removed From 
one anotlu'r ; k is then calculated from e(piation (5), and for any 
intermediate pressures T/ is then determined by the relationship 

Ti'=T/{Ji+A(r,'-r2)} ... (6) 


T2-T2 


A second point of interest lies in the observation that on j)lotting 
against {To -7\) a straight line AH (lig. 18) should be obtained. If 

it is not, k (*annot be 
constant. This might 
be due to experimen¬ 
tal error in the vapour 
pressure determina¬ 
tions, in which case 
the Rule is a useful 
cheek on such work. 
On the other hand it 
may be the result of 
abnormal behaviour of 
one of the substances, 
consequent upon dis¬ 
sociation in the vapour 
state or association in 
the liquid state. In 

the case of substances containing the hydroxyl group, such as water, 
the alcohols and oxy-acids, the value for k is not quite constant, and 
this is usually attributed to association. 



In order to eak*ulate the boiling point of a substance under normal 
pressure, when its observed boiling point is f C, under a pressure 
p mm,, we may make use of the equation 

8«=c(760~i?)(278 4*0 


(7) 
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where c is a constant and 8t is the number of degrees on the centigrade 
scale to be added to 

The value of c has been calculated for many substances (Young, 
1902) and ranges from 0*000146 to 0*000091. A few values are given 
in the following table : 


Substance. 

c. 

Substance. 

C. 

Henzene 

0000122 

Methyl alcohol 

0000100 

Toluene 

0000120 

Ethyl alcohol 

0 000094 

Naphthalene 

0000119 

Acetic acid . 

0 000107 

AnthraceiR' 

0000108 

Phenol 

0000107 

///-Xylene . 

0*000115 

Water . 

0*000100 

Ethyl ether. 

0000121 

Carbon disulphidt* . 

0000127 

Acetone 

0000115 

Carbon tetrachloride 

0()00123 

Ethyl acetate 

0000114 

Chloroform . 

0000119 


Now c is given by the relationship 

dt 1 


and may be caleiilatod in several ways. The ratio dtjdp rc]>resents the 
rai<' of change of the boiling tempi^raturc with the pressure. The data 
in the table refer to a normal ])ressure of 760 mm. losing these data, 
therefore, equation (7) can only give a(*eurate results when ap])lied to 
])ressurcs not far removed from the normal. 

One nu^thod of calculating c is with the aid of the Clausius-Clapeyron 
equation, which we may write in the form 

dt V-V^ liT 

^~T~dp~ L 

in which the symbols have the same significance as on p. 78. In the 
case of water, therefore, we have 


1*985 x373 
539 X 18*016 X 760 


0 * 000100 . 


It will be observed that the value of c for grou})s of similar sub¬ 
stances tends to fall with increasing molecular complexity. Thus 
benzene gives a higher value than anthracene or m-xylene, and methyl 
alcohol than ethyl alcohol. Associated liquids give low values for c, 
as witness the alcohols, acetic acid, phenol and water, all of which 
contain the hydroxyl group. 

In order to illustrate the method of using equation (7) let us 
calculate the normal boiling point of water from the observation that 
under a pressure of 740 mm. water boils at 99*255° C. 

Writing equation (7) as 

8t -0*0001 (760 -740) (273 + 99*255) 

we find that: 

Si 0*745°, 


VOL. I. 
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So that the boiling point of water under 760 mm, pressure is 
99-255® -H 0-745® or 100-000® C. 

Latent Heat of Vaporisation. -It is well known that when heat 
is put into a pure liquid at its boiling point there is no rise in tempera¬ 
ture ; the liquid turns into vapour at the same teniperat\ire, and the 
absorbed heat is utilised in effecting this c-hange of state. The number 
of calories absorbed per gramme of liquid under these conditions is 
termed the latent heat of vaporisatit)n (or evaporation) of the liquid, or 
simply the latent heat of the va])our (Latin latere, to be hidden), since 
its presence cannot be detected with a thermometer. Exactly the 
same quantity of heat is liberated when one gramme of the vapour at 
the boiling point eondenses to liquid at the same tcmj)erature. The 
molecular latent heat is the ])roduct of the latent heat per gramme 
and the mole(*ular weight of the substance. 

The latent heat of vaporisation may be dete rmined in a variety of 
ways, lierihelofs (qqmraius (lig. 19) is very convenient. It consists 




Fig. 19. —Berthelot’s Apparatus for Fig. 20. —Apparatus for Latent Heat of 

Latent Heat of Vaporisation. Vaporisation of Benzene (Baker, 1928). 

of a flask A containing the liquid under examination, which is heated 
by a ring burner at B or by some simple electrical device. The va|K)ur 
passes down the central exit tube C and condenses in the coil D, which 
rests in a shielded calorimeter containing water, the temperature of 
which is registered by the thermometer T. 

A modified form of Berthclot’s apparatus was used by Baker (1928) 
in determining the latent heat of benzene which had been thoroughly 
dried for several years by exposure to phosphorus pentoxide and could 
not therefore be brought into contact with the open air without injuring 
its properties (sec Vol. IT). The benzene was contained in the upper 
bulb (fig. 20) and was distilled by means of a ring burner into the lower 
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graduated tube immersed in a known weight of water contained in a 
Dewar vessel. From the volume of liquid distilled and the rise in 
temperature of the water the latent heat was eak ulat ed. 

Brown's ui)2)aratus (1903) is shown in fig. 21. It consists of a 
flask A with an expanded neck iiito which is })laced a cylindrical 
boiler B containing a ])latimim spiral, the terminals of which dip into 
mercury in C and J). The })oiler has a small opening at its upj)er end, 
and is covered by a shield E which is also 
)>ierccd at its top. A second over-all shield 
F is connected to a condenser through the 
side-tube (i. The liquid to be tested is 
poured into A and B. A blank ex[)eri- 
m(‘nt is first carried out, the liquid in A 
being })oiled, thereby raising the remainder 
of the apparatus to the boiling temperature, 
at wliieli it is maintained for a given 
time, say 20 minutes. B is removed and 
weighed and the small loss in weight due 
to (*va])oration through the orifice b is 
noted, and is the correction that must be 
made in the ex])eriment })roper. B is re- 
})laced, the ajjparatus again heated until all 
is at the boiling temperature, and the electric 
current then switched on. This heats the 
spiral, and the liquid in B, already at the 
boiling point, now' boils vigorously and the 
vapour escapes at h. The current used is 
noted at regular intervals. When the ap¬ 
paratus lias been w'orking for the same 
length of time as in the blank test, B is 
removed and weighed. The loss in weight, 
corrected for the slight additional loss deter¬ 
mined in the blank test, gives the mass of 21.— Brown’s Apparatus 

vaporised liquid. The latent heat ot vapor- ^ 

i sat ion, /, is readily determined as follows : 

By Joule’s Law (1841) the number of calorics of heat, //, equivalent 
to the electrical energy su})]>lied through the spiral, is given by 



where A is the current in amperes, R the resistance in olims and 0 the 
duration of the test in seconds. Whence, if ni is the mass of the 


vaporised liquid, 


n Arne 

m~4'184m 


( 1 >) 


The latent heats of liquefied gases may be determined by dropping 
mercury or pieces of solid metal into the liquid and measuring the 
volume of gas evolved. The essential features of the apparatus used 
by Dewar (1895) arc shown in fig. 22. Mercury in A is allowed to fall 
into the liquefied gas B contained in a Dewar flask D and the gas 
evolved is collected through C. D is immersed in a larger Dewar 
flask E containing also a supply of the same liquefied gas. Provided the 
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mass, speci(ic heat and, in the case of very low temperatures, the lateiu 
heat of fusion of tlie mercury are known, it is easy to calculate the 
latent heat of vaporisation of the liquid if the 
I—[ latter is already at its boiling ])oint when the 

experiment begins. This latter condition is 
easily arranged by allowing the liquid in E to 
remain at the boiling ])oint. 

The latent heats of vaporisation of a number 
of substances are given in the table on p. S8. 
^ 1...It will be observed that the value for water, 
@ ~C 539 calories j)cr gramme, is very much 

^ greater than for other licpiids. 

^ I ^ Nature of Latent Heat.—The heat ab- 

_ sorbed when a. liquid at the boiling ]X)int is 

^ ^ ^ O converted into va})Our is the vSum of two factors, 

^ ^ namely the heat required to scj)arate the mole- 

culcs aiul that required to overcome the [)res- 
^ sure of the atmosplnre and thus make room, 

to speak, for the newly formed vapour, the 
volume of which is very much greater than the 
E -I" ^ ^ original volume of the liquid. We may thcre- 

-"3-’ fore write 

1:5:- rip L^L>+L, . .(]()) 

pyv 1 where L represents the total molc^eular heat of 

- -- L : vaporisation, Li that portion of it rcquiixd for 

internal work, and that reepured in 
Wi: / doing external work. 

- It is easy to ealeulatc 7^,.. Assuming the 

gas laws are obeyed, the woik done against the 
\ f atmosphere is the product of the prcssurcj of 

\j the atmosphere, F, and the increase in volume, 

V. Whence 

Fi(J. 22.—J^ewa r’s Apparatus t „ P 

for Latont Heat of Lique- 

iicd Oases. —Hi 

-1-985T 


Fi(J. 22. —J^ewa r’s Apparatus 
for Latont Heat of Lique- 
iicd Oases. 


where T is the absolute temj^erature of boiling. 
373^^ C., whence 


For ^vater. 


L^-740 gramme-calories per gramme-molecule 


41 gramme-calories per gramme. 


Since the latent heat of vaporisation of water is 539 calories per gramme, 


Whence 

or 


L =539x18 
= 9702. 

L,=L~L, 

= 8962 gramme-calories per gramme-molecule 

li-l-h 
= 539-41 

= 498 gramme-calories per gramme. 
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Under ordinary conditions of boiling, therefore, more than 90 per cent, 
of the heat absorbed is used up in overcoming molecular attraction, 
less than 10 per cent, being required to overcome the pressure of the 
atmosphere. 

Latent Heat and the Boiling Point.—The value of the latent 
heat usually falls as the temperature rises, as is illustrated by the 
following data : 


I'emperature, 

Latent Heat, 1 (gramme-calorics per gramme). 

‘C. 

Water. 

Ethyl Alcohol. 

Benzene. 

Acetic Acid. 

40 

.574 

215 

101 •() 

92 

(30 

5()3 

210 

97 5 

93 

80 

552 

203 

940 

94 

100 

539 

194 

90(3 

95 

120 

.52(3 

182 

87-0 

97 

140 

512 

170 

830 

94 

1(30 

49(3 

155 

78-0 

91 


The latent heats of steam and benzene fall almost linearly with the 
temperature. Acetic acid is unusual; its latent heat rises linearly to 
a maximum at its normal boiling point, namely 118*3° C., and then 
steadily falls (sec fig. 23). 



Several equations have been suggested giving the mathematical 
connection between the latent heat of steam and the temperature. 
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One of the best of' these (Hennin^^, 1906), based on experimental 
data, is 

/ = 599*4 -O OOf, 

but its range is limited. 

Latent Heat and the Clausius-Clapeyron Equation. —We have 
already had oeeasion to use the Clausius-Clapeyron equation (p. 78) 
to calculate the relationship between the })ressure and boilirig point of 
a liquid. We may write the equation in the form 

Ml=L=^,.T(V-\\) . . . (11) 


from which it is evident that the latent heat of vaporisation of a 
liquid can be calculated provided we know the rate' of change of vapour 
pressure with the temperature and the change in volume involved. 

Let us, by way of exani])le, employ this equation to determine the 
latent heat of steam. At 90° C. the vajiour })ressure of water is 
783*24 mm., and at 101° C, it is 787*57 mm., so that the mean rate of 
change of vapour pressure with the temperature at 100° C., that is, at 
373° abs., is 

787*57-733*24 

2 

= 27*165 mm. 

= 0*0357 atmosphere per degree. 


Exj^eriment shows that a gramme-molecule of steam at 100° C. 
occufues 30*159 litres under normal pressure, whilst a gramme-moleeule 
of water occupies only 18 c.c. Whence 


/ 


L 


= 0*0357 


373(30*159-0*018) 
^ 18*016 


= 22*276 litre-atmospheres. 

= 22*276 X 24*24 gramme-calories (p. 20) 

= 539*97 gramme-calories. 

The agreement with the experimental value of 539 calories (p. 88) is 
suliiciently close. 

In general wc can neglect the volume of liquid, in comparison 
with that of the vapour, so that equation (11) simplifies to 


TV 


( 12 ) 


If, further, wc assume the gas laws to hold for the vapour, we may write 


whence 


F= 


RT 

P 


' PM 


RT^dlog^P 
M' dT ' 


I 


BT,1\ , F„ 


Upon integration 


. ( 18 ) 
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where and arc the vapour pressures at the absolute temperatures 
1\ and Pg. 

This relatioiishi]) is only strieliy true when L remains <*onstant over 
the ranges studied. We liavc already learned, however, that the latent 
heat varies with the temperature, so tliat equation (18) is only approxi¬ 
mately correct. If, however, the range of temperature is small, the 
error will be negligibly small for most purposes. 

Upon conversion to common logarithms and replacing R by 1*985 
calorics (p. 40), equation (13) becomes 




(14) 


If, therefore, we know the vapour pressures of a licpiid at two different 
temperatures, we can by means of equation (14) calculate the mean 
late nt heat of vaporisation of the licpiid over that temperature interval. 

Let us take the case of water again, using the same data for the 
vapour pressures. We have 


j 1*985 X 2*303 372 x 374 787*57 

---- -- X -- — ogio 733.24 

~ 546*3 gramme-calories. 

This value, which is the mean for the temperature range of 99® to 
101® C'., is somewhat too high. The main source of error lies in the 
assumption that the vapour obeys the gas laws rigidly, according to 
w'hich one gramme-molecule of steam at 100® C. occu])ies a volume 
given by 

22*4 X 373 
273 

= 30*60 litres, 


whereas the experimental value, as given on p. 86, is 30*159 litres. In 
substituting the value for V in c(iuation (12) it would therefore have 
been more correct to have written 


30*159 RT 
30*60" ‘ P 


0*9856 


RT 

P" 


and the value for the lat(*nt heat of steam as obtained from equation (14), 
when multiplied by this factor, gives 

546*3 X 0*9856 
-538*4 

which closely approaches the experimental value. 

Trouton’s Rule. .It was pointed out by Depretz in 1823 that if 

Vi and V are the specific volumes of a liquid and its vapour respectively 
at the boiling temperature, then 

—-— = constant. 

u - Pi 

This is Depretz’ Rule. Since Pj is usually very small compared with 
p, wc may neglect it, and say that Ijv is approximately constant. If M 
is the moleculai’ weight of .the liquid, it is clear that the volume of the 
vapour is given by 
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22-4 T 

^ litres per gramme 

T 

= eonslaiii x litres 
M 

under atmosplierio pressure. 

Substituting this value for v in Depretz’ equation we have 

constant =-=. . . . (15) 

V T 

This is Trouton’s Rule, data illustrating which ar(‘ given in the 
following table : 

Trouton’s Rule. 


Substanco. 

Pormula. 

Molecular 

Weight, 

M. 

Latent 

Heat, 

1. 

Boiling 

Point, 

Ml 

f' 

Water 

11,0 

18 

530 

100 

20 0 

Ammonia . 

Nil, 

17 

327 

- .38-5 

23-7 

Oxygt'n 

0 , 

fl2 

58 

-1830 

20-0 

Nitrogen 

N, 

28 

50 

-195*8 

18-1 

Hydrogen fluoride 

11F 

20 

301 

19*4 

24 7 

Hydrogen chloride 

lien 

80-5 

100 

- 85 0 

206 

Methane 

C 1 I 4 

10 

138 

-](i]-4 

19-8 

Hexane 


84 

79 

09 0 

19-4 

Benzene 

0,1 lo 

78 

05-5 

790 

21-1 

Methyl alcohol . 

C'II,OII 

32 

209 

04-5 

25-0 

Ethyl alcohol 

C,! 1,011 

40 

200 

78-5 

27-0 

rroj)yl alcohol 

CglljOlI 

00 

104 

97*8 

20-5 

Formic acid 

IICOOH 

40 

120 

100-5 

14-8 

Acetic acid 

CIlaCOOH 

00 

97 

118-1 

14-9 

Propionic acid 

c',H,(;ooir 

74 

129 

141-1 

23-1 

Butyric acid 

C3H,e'Ooii 

88 

114 

103-5 

23-0 

Methyl acetate . 

CH 3 COOCH, 

74 

98 

57*1 

22-0 

Ethyl acetate 

CHaCOOC^Hs 

88 

88 

77*1 

22-1 


At best the rule is only approximate. It holds fairly well for groups 
of closely allied substances. Hydrocarbons, esters and many inorganic 
substances yield values for the constant of about 20 to 22. For asso¬ 
ciated substances such as water, the alcohols and liquid ammonia, the 
constant is higher. This is explained by assuming that when a liquid 
is associated, but yields a normal vapour, a certain amount of heat is 
absorbed in breaking down the association, so that the normal heat 
of vaporisation is increased. Acetic acid gives a low value, and this 
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is attributed to molecular association in the vapour state. From 
va])our density determinations the mean molecular weight Of acetic 
a(*id vapour at the normal boiling })oint is a])proximately 100. If 
this value is enjployed for M, Trouton’s constant becomes 24-8, and 
thus more nearly approa(*hes the value found for propionic and other 
higher fatty acids. 

Hildebrand's Rule (1915).—The latent heat of vaporisation 
varies, as we have seen, with the pressure, and as the pressure of the 
atmosphere is purely an arbitrary unit, there is no special significance, 
other than that of convenience, in choosing this for a comparison of 
the latent heats. We may with equal reason select any other pressure 
or function of the pressure and temperature for this ])urpose. 

Although under atmospheric pressure the total })ressure at the 
boiling point is the same for all liquids, we know from a consideration 
of the simple gas laws that the number of molecules of vapour in unit 
volume is not the same, but varies with the temperature ,* the lower 
the boiling point, the greater the number of vapour molecules; the higher 
the boiling point, the fewer the vajiour molecules. Hildebrand there¬ 
fore suggests that the latent heats should be comjiared at such tempera¬ 
tures that unit volume of the dijfevent vapours shall contain the same 
number of ‘molecules ; in other words, when the liquids are evaporated 
to similar concentrations of vapour. When this is done the value for 
MljT for normal licjuids exhibits greater constancy. A few data are 
given in the following table, referring to a concentration of 0‘005 
gramme-molecule of vapour per litre: 


Hildebrand's Rule (1915). 


Substance. 

Abs. 

Temp., 

T, 

Ml 

T* 

Substance. 

Abs. 

Temp., 

T. 

Ml 

T* 

Nitrogen 

55 

270 

Meniury. 

500 

20*2 

Oxygen . 

75 

27 0 

C'adniium 

988 

20-4 

Ciilorinc 

194 

27-8 

Zinc 

1180 

20*4 

Pentane 

250 

270 

Ammonia 

200 

32-4 

Hexane 

280 

27 2 

W ater 

825 

32 0 

Benzene 

298 

27-4 

Ethyl alcohol . 

307 

33 4 


For non-associated substances the variation in the constant is small; 
the three typically associated liquids, namely ammonia, water and 
ethyl alcohol, give distinctly higher values, as wc should expect. 

Nernst's Formula.—Nernst has shown that the value of Trouton’s 
constant depends on the boiling point of the substance, and tends to 
increase as the boiling point rises. When the substance is normal the 
following relationship holds : 

Ml 

-^-9*5 logio^T-O-OOrr 

but if the substance is associated, then 


(16) 
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Ml 

T 


>9*5logior~0*007T. 


Variation of Vapour Pressure with Temperature. 

write equation (13) in the form 

log, + constant 

= ” ^ + • 


-We may 


(17) 


where A and B are constants. This is a very useful equation when 
only small differences in temperature are eom^erned. Hut since' L, 
and therefore A, vary with the temperature, the equation is restricted 
in its application. A more exact equation is obtained by regarding L 
as a linear fiinetion of T, namely 

jL =Lq + aT, 

where a is a constant and is the latent heat at zero temperature. 
Then 

log. r+1 log. T + const. 


- J + i?log.r + C 


(18) 


where A, B and C are constants. This is Kirchhoff ’s equation (1858), 
and applies with considerable accuracy to many substances even up 
to the critical temperature. 

Boiling Points of the Elements. —The boiling points of the 
elements under atmospheric pressure are given in the table on p. 92. 
In fig. 24 the boiling points are plotted against the atomic numbers, and 
an interesting periodicity is at once discernible, closely resembling that 
manifested by the melting points, as discussed on p. 148. The inert 
gases of Group 0 of the Periodic Table occupy the troughs of the 
curves ; the ascending slopes contain the alkali and alkaline earth 
metals ; the non-metals of the Fifth, Sixth and Seventh Groups lie on 
the descending slopes, whilst Group IV and the transitional elements 
of Group VIII lie near or at the summits. It will be observed also that 
the boiling points of the alkali metals and of the beryllium subdivision 
of Group II fail with rise of atomic number. The reverse is the case 
for the non-metals of Groups V, VI, VII and 0. 

Boiling Points and Chemical Constitution. —Hermann Kopp in 
1842 investigated the relations between boiling point and cheinii!al 
composition, and at first concluded that the boiling temperature is an 
additive property, so that a given change in composition is always to 
be followed by the same change in boiling point. This is known as 
Kopp^s Rule. We now know, however, that this is only a part of the 
truth, for the boiling temperature is also in part constitutive, that is, 
it depends also upon the constitution of the substance. This is clearly 
proved by the very varying boiling points of many different isomerides, 
some of which we shall have occasion to study in succeeding pages. 

Boiling Points of Homologous Series.—The addition of a 
methylene group, namely CHg, to an organic compound tends to raise 
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the boiling point. The rise in temperature is not regular; it varies 
with the elass of eompound investigated, and even in the same homo¬ 
logous series the effeet of each Cllg falls off eontinuously as the series 
is ascended. These points are well illustrated by the data given in the 
table on p. 93. 

Many attempts have been made to derive mathematically the 
boiling points of successive members of homologous series. A simple 
formula, given by Walker (1894), namely 

T^aM\ 

gives very fair results, where T is the boiling point on the absolute 
scale, M the molecular weight, whilst a and b are constant for any 
homologous scries. 

If we logarise the above equation and apply the result to two 
members, not necessarily successive, of a homologous series, we have 

log Ti^loga-i-blogMi 
log Tg *log a log Mg, 




92 


PHYSICAL CHEMISTRY. 


Melting and Boiling Points of the Elements. 


Element. 

Molting 

Point, 

C. 

Boiling 
T*oint, 
760 mm., 
"C. 

Eloniont. 

Melting 

Point, 

"C. 

Boiling 

l^)int, 

760 mm., 
°C. 

Aluminium 

658-7 

18(X) 

Niobium 

1950 

3300 

Antimony 

630-5 

1380 

Nitrogen 

- 209-9 

- 195-8 

Ar^^on 

-189-2 

- 185-7 

Osmium . 

2700 

5300 

Arsenic; . 

814* 

615 t 

Oxygen . 

-218-4 

-183 

Barium . 

850 

1140 

Ozone 

- 251 

-112 

Bc^ryllium 

1350 

1500 

Palladium 

1551-5 

2200 

Bismuth . 

271 

1450 

Phosphorus 



Boron 

2300 

2550 

(white) 

44-1 

280 

Bromine . 

-7-2 

58-8 

Platinum 

1755 

4300 

Cadmium 

320-9 

767 

Potassium 

62-3 

760 

CsDsium . 

26 

670 

Praseodymium 

940 


Calcium . 

810 

1170 

Radium . 

960 

1140 

Carbon . 

3.50() 

4200 

Radon 

-71 

-61-8 

Cerium . 

640 

1400 

Rhenium 

c. 3000 

,. 

Chlorine . 

-101-6 

-34-6 

Rhodium 

1955 

2500 

Chromium 

1615 

2200 

Rubidium 

38-5 

700 

Cobalt 

1480 

2900 

Ruthenium 

2450 

2700 

Copper . 

1083 

2300 

Samarium 

1300 

,, 

Fluorine . 

-223 

-187 

Scandium 

1200 

2400 

Gallium . 

29-8 

1600 

Selenium 

1 220 

688 

Germanium 

958-5 

2700 

Silicon . 

i 1420 

2600 

Gold 

1062-6 

2600 

Silver 

900-5 

1950 

Hafnium 

c. 1700 

3200 

Sodium . 

97-5 

880 

Helium . 

1 -272-2 

-268*9 

Strontium 

800 

1150 

Hydrogen 

-259*14 

-252-7 

Sulphur 



Indium . 

155 

1450 

(rhombic) 

112-8 


Iodine 

113-5 

184-4 

Sulphur 


[ 444-6 

Iridium . 

2350 

4800 

(monoclinic). 

119-0 

j 

Iron 

1535 

3000 

Tantalum 

2850 

4100 

Krypton . 

-169 

-151-8 

Tellui-ium 

452 

1390 

Lanthanum 

826 

1800 

Thallium 

303-5 

1650 

Lead 

327-3 

1620 

Thorium 

1845 

3000 

Lithium . 

186 

1200 

Tin (tetragonal) 

231-85 

2260 

Magnesium 

651 

1110 

Titanium 

1800 

3000 

Manganese 

1260 

1900 

Tungsten 

3267 

5900 

Masurium 

c. 2300 

.. 

Uranium 

1850 


Mercury . 

-38-87 

356-9 

Vanadium 

1710 

3000 

Molybdenum . 

2620 

3700 

Xenon . 

-140 

-109-1 

Neodymium 

840 


Yttrium . 

1490 

2500 

Neon 

-248-7 

-245-9 

Zinc 

419-4 

907 

Nickel . 

1452 

2900 

Zirconium 

1700 

2900 


* Under 36 atmospheres. 


t Sublimation. 
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(19) 


that is, the logarithm of the ratio of the absolute boiling ])oints of any 
two members of a homologous series, divided by the logarithm of the 
ratio of the molecular weights, is (ronstant. 


Substance. 

Formula. 

Boiling Point, 

Kiflo per 

OH a. 

Methane 



(;ir4 

-101 *4 

73* 1 

43-8 

45 1 

350 

Kthane 

rro]^anc 




- 8S-B 

- 44*5 

Butane 

Pentane 



t'4nio 

+ 0*0 

Aeetal(l(‘hvd(! 



(ii.ciro 

20-2 

■IS-S 

28-0 

2(i'9 

IVopionic* aldehyde 



c\,iiv,ciio 

Butyric ,, 




75-7 

Valeric „ 

Caproie ,, 



C4ii8('ir() 

CsiiijCiro 

lOB 4 

1 129 0 

Z / -7 

25*0 

Motliyl bromide . 



Clljlir 

40 

1 

QO. 4 

Kthyi „ 




B8() 

• >fV4 

32*9 

30-7 

20*3 

l’*<>l)yl 



C,ir,Br 

70-9 

liutyl 



(‘4lI,Br 

1010 

Ariijd 



I’^HnBr 

127-9 


In Young’s formula the rise 


in the boiling temperature of a substance 
due to addition of dig is expressed as a function of the absolute 
tcmi)crature. Thus 

• • • • ( 20 ) 


where T is the boiling point of, say, a paraffin hydrocarbon, and T + 8t 
the boiling point of its next higher homologue. When 5 or more 
carbon atoms are present in the molecule the calculated results agree 
very satisfactorily with the observed boiling temperatures. Similar 
results are in general obtained with other homologous scries in which 
association does not occur. Young’s formula may therefore be used 
to calculate the boiling points of non-associated organic liquids con¬ 
taining more than 4 carbon atoms provided the boiling points of the 
adjacent homologues are known. 

Boiling Points of Isomerides. —If Kopp’s Rule were always 
obeyed, isomerides would possess identical boiling points. This, how¬ 
ever, is approximately true only when the isomerides possess closely 
similar structures, for, as we have explained, the boiling point is a 
structural or constitutive, as well as an additive, property. 

As examples of similar isomerides we have 




Vo 

>co 


C 3 H 7 / 

Diethyl ketone, 

Methyl propyl ketone. 

B.pt. 101-7“ C. 

B.pt. 101-7“ C. 
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Cir^.CTIgOII 

Ethyl alcohol, 
B.pt. 78-5" C. 


CH3~0-CH3 

Dimethyl etluM', 
B.pt. -2-1-9 C. 


Branching of cliains tends to lower the boiling point. Thus : 

CTL, CH., CII, 

I “ 
cn^ 

I 

ClIgOH 

w-But}^! ahiohol, 

B.pt. 117-7' C. 


CH 


cn.pii 


/.s'obutyl alcohol, 
B.pt. 108 0. 


con 


Tertiary butyl alcohol, 
li.pt. 82-8" C. 


In general, the more elo.sely two oxygen aloms or two halt)gens 
approach each other in a inoleeule, the lower is the boiling point. 
Thus 

(TI 3 .CO.CO.CaH 5 CH 3 .CO.CH 3 .CO.CH 3 

Mcthylethyl a-dik(^toiio, Aoctylacotono, 

B.pt; 108" C. B.pt. 1:J7‘H.\ 


and 


CII 3 CI.CH 3 .CH 3 CI 


CH 3 .CCI 3 .CH 3 

2 : 2-Dichloropropano, 1 : .'i-Dichloropropaiie, 

B.pt. (59-7' C. B.pt. 125 ' C. 

It l‘rc(iuently happens also, but not invariably, that synuiuTrival 
molecules have a lower boiling point than their less synunetrieal 
isomeridcs. Thus 


O 


> 

t' 2115 / 

Diethyl ether, 
B.pt. 24-5' C. 


C 1 I 3 . 

(' 311 / 

Methyl propyl ethor, 
B.pt. 38-9" C. 


In the ease of acetylaeetone mentioned above, the effcT't of separating 
the oxygen atoms in the moleeule has more than eounterbalaiiecd the 
inlluence of symmetry; the boiling point of aectylacetonc is thus higher 
than that of its less symmetrical isomcridc. 

Ring Formation is usually accompanied by rise in boiling point. 

Effect of Replacements. —Tlie replacement of one or more atoms 
of hydrogen in an organic compound by other elements or groups of 
elements invariably effects a rise in the boiling point. Thus : 


Methane . 

(H* 

Boiling Point, 
"C. 

- 161-4 

Methyl chloride . 

CH 3 CI 

- 23-7 

Methylene chloride 

CH 3 CI 2 

+ 401 

Chloroform . . 

CHCI 3 

01-2 

Carbon tetrachloride . 

CCl, 

76-8 


When successive elements in a vertical group in the Periodic Tabic 
replace one another in organic compounds, there is usually a steady rise 
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or fall in the boiling points. If, in any special ease, this rule is not 
obeyed, or there is an abnormal rise in the boiling point, association is 
usually suspected. When an atom of oxygen is replaced by one of 
sidphur, the boiling point usually rises. Thus : 


C2II5 



Diethyl otiicr, 
13.pt. C. 




Diethyl sulpliitle, 
B.pt. ‘)l (r C. 


In tlie case of the alcohols, however, the thio-derivatives have lower 
boiling points. Thus : 


cyi.oii 

Ethyl alcohol, 
B.pt. 78 r>'- C. 


Ethyl inerca])tari, 
B.pt. M T C. 


The alcohol, as is generally the case with substanecs containing the 
OH-grouj), is associated. That water is associated is indicated in a 
similar manner. Thus, when the boiling ])oints of the hydrides of 
sulphur, selenium and tellurium arc coin})ared, it is evident that the 
boiling point rises steadily with the molecular weight: 


Substance . . IlgS IlgSe IlgTe H^O 

Boiling point, ®C. . -00*2 - 42 -1*8 H-lOO 

Water, therefore, if it conforms to the general rule, must have a mole¬ 
cular weight greater than that of tellurium hydride. This suggests 
very a])[)reciable association, although, as we shall see later (Vol. 11), 
this is not the only explanation of the high boiling ])oint. 

If the halides of hydrogen are compared, their boiling points are 
also seen to rise with the molecular weight. Thus : 


Substance . . IICI IIBr 111 IlF 

Boiling point, , -85 -67 -85*5 +19*4 

Hydrogen fluoride, therefore, if it conforms to the general rule, must 
have a greater molecular weight than hydrogen iodide, which suggests 
considerable association. 



CHAPTER VI. 


CRITICAL PHENOMENA. 

All gases when suffieiently cooled and submitted to pressure may be 
redueed to the liciuid state. Of the two factors involved, nanu'ly 
temperature and pi'ossure, the former is by far the mort^ important, 
since it is possible to licpiefy a gas and even to solidify it at the ordinary 
atmosj)h(*rie ])ressure by lowering its temperature 
sufficiently. Thus, at the temp(*ratnre of boiling 
helium, namely -268*9® C., all other gases ])ass 
into the solid state. On the other hand it is seldom 
that a })ressure as great as 100 atmos})hcres is 
required to effect liquefaction. The uselessness of 
very high pressures is due to the fact that for each 
gas there is a temperature above which it cannot 
be liquelied. This is called the critical tempera¬ 
ture and is denoted by 1\ or i,, according as it is 
expressed on the absolute or on the centigrade scale. 
The pressure necessary to e ffect licpK'faction at this 
temperature is termed the critical pressure, 
and is the highest pressure ever required to cause 
liquefaction of the particular gas. The volume 
occupied by the gas at the critical point is known 
as the critical volume and may be expressed in 
one of three ways, namely, as cubic centimetres per 
® gramme, as the volume of one gramme-molecule of 
ing^xtstenceofOriW- ratio of the volume at the critical 

cal Temperature. point to that occupied by the gas under normal 
conditions of temperature and pressure. 

The existence of the critical temperature was first noticed by 
Cagniard de la Tour in 1822 for a number of volatile liquids such as 
ether, although the significance of his results was not appreciated at 
the time. Cagniard sealed his volatile liquid in one end A (fig. 25) of a 
glass tube over mercury, the other end B also being sealed, but enclosing 
air, so that, by the application of Boyle’s Law any change of pressure 
could be determined. On heating A he found that a temperature was 
reached ultimately at which it became impossible to differentiate 
between the liquid and A^apour phases. This was the critical tempera¬ 
ture of the substance, and represented the upper limit of the liquid 
state. 

Andrews’ Experiments.—The reverse change to that studied 
by Cagniard, namely the condensation of a gas to the liquid state, was 
studied by Andrews, who commenced his classic researches on carbon 
dioxide in 1861. The essential features of Andrews’ apparatus are 
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shown in fig. 26. The glass tube AB containing the gas was fitted into 
a strong copper tube (‘untaining water, the gas being sealed off from the 
water by a globule of mercury. (The tube was much narrower than 
indicated in the diagram, so that the mercury was kept in position 
by capillary force.) A second precisely similar vessel, but containing 
air in the glass tube, was attached at C. 


This served as a manometer and enabled 
the pressure to be determined. The pressure 
was obtained by screwing the steel screw 
into the water and was distri})utcd immedi¬ 
ately through the interior of both vessels, 
being a})plied through the movable columns 
of mercury to the tw o gases to be compressed. 
A pressure of 400 atmospheres could be at¬ 
tained by this method. 

Andrew^s found that at temperatures 
above 31*1° C. no sensible liquefaction of 
carbon dioxide takes j)laee. This tempera¬ 
ture, therefore, is the critical temperature, 
and represents tlie low^er limit of the gaseous 
state. Below this temperature liquid is 
formed at some definite pressure. 

Isotherms of Carbon Dioxide.—The 
results obtained with carbon dioxide may 
be shown graphically by plotting the volume 
against the pressure for unit mass of gas at 
any particular temperature. The curve ob¬ 
tained is known as an isotherm (Greek isos 
equal, thermos w^arm). When a series of 
isotherms is drawn for different tempera¬ 
tures, as showm in fig. 27, several interesting 
features present themselves. For a perfect 
gas the product jw is constant provided the 
temperature is constant; hence the isotherm 
of a perfect gas is a rectangular hyperbola. 
Such is very nearly the case for carbon 
dioxide at about 50*^ C. and above. As the 
temperature falls the isotherm deviates in¬ 



creasingly from the hyperbolic, the maxi- Fia. 26.—Andrews’ Apparatus. 


mum deviation occurring at 31-1® C., 


which is the critical temperature. Below this point the curve breaks 
into three parts, the middle portion being horizontal, and an abrupt 
change of gradient occurring on passing from the horizontal part to the 
other portions of the isotherm. The significance of this may be ex¬ 
plained witlv reference to the isotherm for '21® C. The portion AB 


represents the compression of vapour. At B liquefaction commences ; 
the volume diminishes as more and more vapour condenses, but the 
pressure remains constant and equal to the vapour pressure of liquid 
carbon dioxide at this particular temperature. At C all the vapour 
has disappeared and CD rises very steeply, indicating that the liquid 
is only very slightly compressible. The horizontal portion grows 
with fall of temperatui'e, but decreases with rise of temperature, ulti¬ 
mately vanishing at the critical point F. 
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Now let us consider the critical isotherm EFG. EF represents the 
compression of the vapour or gaseous phase, for this isotherm marks 
the boundary between gas and vapour. Below the critical temperature 
the gaseous phase is termed vapour; above this temperature it is 
regarded as gas. F is the critical point, and marks the critical pressure 
and volume respectively. At this point the liquid and saturated vapour 
become identical. Curve FG represents the compression of the liquid. 

At temperatures above the critical value, the isotherms exhibit no 
abrupt change of gradient and no portion of them corresponds with an 



Fig. 27.—Isotherms of COg at Different Temperatures. 


equilibrium between liquid and vapour ; indeed, at these temperatures 
all distinctions between the liquid and gaseous states has disappeared. 

The critical phenomena observed by Andrews in connection with 
carbon dioxide and nitrous oxide may be observed with all substances 
that can be obtained as gases and liquids. A few critical data are given 
in the accompanying table (p. 99). 

Law of Cailletet and Mathias (1886).—It is not a very difficult 
matter in many cases to determine the critical temperature and pressure 
of a substance. The latter can be ascertained with the aid of apparatus 
similar to that shown in fig. 25, the former by heating in a suitable 
bath a sealed tube containing the liquid and its vapour only and noting 
the temperature at which the liquid surface just disappears. It is 
much more difficult to measure directly the critical volume, for a small 
change in pressure at the critical temperature causes a large change 
in volume. We can, however, arrive at a solution of our problem 
indirectly by applying the Law of Cailletet and Mathias, according 
to which: 

The mean valves of the densities of liquid and saturated vapour for 
any stable substance are a rectilinear function of the temperature. 
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Critical Data. 


Substance. 

Critical 
Temperature, 
Te (abs.). 

Critical 

Pressure, 

Pf (atm.). 

Critical 

Volume,* 

Vc (litres 
per gramme- 
molecule). 

BT. . 

Hydrogen 

34 

12-8 

0*004 

3*41 

Nitrogen . 

126 

33-5 

0*087 

3*52 

Oxygen . 

154 

49-7 

0*074 

3*44 

Carbon dioxide 

304 

73 0 

0*096 

3.56 

Carbon tetrachloride 

556 

450 

0*276 

3*67 

Benzene . 

561 

47*7 

0*256 

3*77 

Chlorobenzene . 

632 

44-6 

0*308 

3*78 

Water 

647 

217*7 

0*056 

4*36 

Methyl alcohol 

513 

78*7 

0*117 

4*58 

Acetic acid 

594*6 

57*2 

0*171 

4*99 


This is shown graphically in fig. 28. The densities of the liquid and 
saturated vapour are plotted against the temperature to points as 
near the critical temperature as pos¬ 
sible, giving a curve that is roughly 
parabolic when complete. The mean 
densities lie on the rectilinear 
diameter AB, which is extended to 
T, which marks the critical tempera- ^ 
ture. The point of intersection gives J5 
the critical density, from which the § 
volume is readily determined. The ^ 
law holds with considerable accuracy 
for a great number of substances. 

Normal pentane is an excellent ex¬ 
ample, as it obeys the law with great 
exactness from 0® C. up to its critical 
temperature of 197-2° C. In most Fio-28.-IUustrating Law of CaiUotefc 

m til* ■ 1 fttlCL IVJLQ'tillAS* 

cases, however, the law is not ab¬ 
solutely obeyed, the diameter AB proving slightly curved; but the error 
involved is usually small. 

This method was used in 1925 for determining the critical density 
of helium, the value 0*0693 gramme per c.c. being obtained at the 
critical temperature of 519® abs. The critical volume is thus 1 0*0693 

or 14*4 c.c. per gramme. 

Continuity of State. —^The liquid and vapour phases become 
identical at, the critical temperature. The curved surface of a liquid 

That is, numerically, the molecular weight divided by the critical density in grammes 
per 0 . 0 . 

t is taken as 0 0821 (p. 40). 
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in contact with its vapour, generally known as its meniscus (Greek 
rnenMos, crescent), which is well-defined at lower temperatures, 
gradually flattens out as the critical tctn]>erature is approached, since 
the surface tension (p. 263) of the liquid is rapidly falling. Ultimately 
a point is reached where the liquid boundary becomes unsteady, for the 
surface tension has become so very feeble that but little work has to 
be done to increase the boundary surface. If the temperature is now 
raised a very little more, the meniscus disappears entirely as the (Titical 
point is reached ; and when it is passed, the liquid and ^'aj^our have been 
transformed to gas. On cooling, the clianges take place in the reverse 
order. In neither case is any physical change involved siicli as marks 
the abrupt transition from licpiid to vapour at lower temperatures, 
and the phenomenon is termed continuity of state. 

Supercooled or Supersaturated Vapour. — It is well known 
that a vapour saturated at a certain tem]:)erature may be cooled to a 
lower tem])erature, at any rate for a short tijnc, in the absence of the 
liquid phase and of dust particles that migl)t serv e as nuclei, without 
deposition of liquid. If, however, a drop of the liquid or nuclei of dust 
are present, a certain amount of condensation occurs and the v'^apovir 
pressure falls to the value normally obtained vvhcji the liquid is main¬ 
tained at that lower temperature. Prior to the deposition of liquid 
the vapour has been supercooled and is supersaturated, its pressure 
being greater than normally corresponds to the lower tenq)erature. 
The vapour is thus in a “ meta-stable ” condition. 

Suppose, for exam])le, the saturated vapour of carbon dioxide was 
originally at 22° C., and we cool it to 21° C. It is now supersaturated 
and its condition may be represented by a point lying on the proloi^ga- 
tion of the isothermal curve AB, that is, somewliere on the broken line 
BH (flg. 27). We could arrivx^ at the same point, theoretically at any 
rate, by starting with a supply of unsaturated v^apour at 21° C. and 
gradually compressing it isothermally until the point B is reached. If 
condensation does not take place, increase of pressure will decTease the 
volume in accordance with the broken line BH until the point II is 
reached, when condensation must take place, for the system is now 
excessively unstable. 

Superheated Liquid.—It is not usually a diflicult matter to 
raise the temperature of a liquid somewhat abovx the boiling point 
without the occurrence of ebullition. Thus the tjemperature of pure 
w^ater, free from dissolved gases and contained in a well-cleaned vessel, 
may be raised appreciably above 100° C. under atmospheric pressure 
witixoiit boiling. When at length boiling docs occur, it does so with 
almost explosive violence, a phenomenon frequently known as “ bump¬ 
ing ” ; the temperature falls to 100° C. and the extra heat energy is 
utilised in converting a portion of the liquid rapidly into vapour. 
Drops of water have been heated in a mixture of oil of cloves and 
linseed oil up to 178° C. before ebullition has taken place. 

Suppose, now, we start with liquid carbon dioxide at 21° C. and 
steadily reduce the pressure isothermally until the boiling point, 
represented by C in fig. 27, is reached. It is possible to reduce the 
pressure still further without ebullition taking place. The condition 
of the system is then represented by some point on the broken line CK, 
which is a continuation of the curve DC. At length the system will 
become so very unstable that ebullition takes place. 
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Lest it should be thought that experimental evidence of this kind 
of change is lacking, it may be mentioned that pure methyl formate, 
boiling normally at 81*9° C., was heated by Young under pressure to 
80*^ C. TIic pressure was then gradually lowered to approximately 
atmospheric without ebullition taking place, although the liquid was 
more than 45° C. above its boiling ])oint under this lower pressure. 
When ebullition did take place eventually, it was explosively violent. 

Boyle’s Law Defied. —The broken line KH has never been realised 
ex))erimentally. It will l)c observed that the volume and the pressure 
increase simultaneously. 

The Tensile Strength of Liquids. --“It is frequently but quite 
erroneously imagined tluit liquids possess no tensile strength. A 
cylinder of water llowing steadily out of a burette soon breaks up into 
drops wliieli fall apart. But if we could arrange to support the sides 
of the cylinder we sliould easily be able to show that water resists any 
attcm])t to increase its volume ; in other words, it possesses great 
tensile strength. This was demonstrated ]>y Worthington (1892), who 
sealed some air-free water in a tube in such a manner that the water 
did not quite fill the tube, the “ empty ” s})aee above being occupied 
by pure water vapour only. On warnung, the li(|uid expanded and 
completely filled the tube. On cooling, the bubble of vapour did not 
reappear. The liquid continued to fill the tube until a large negative 
pressure was reached, which sometimes was so great as to cause the 
thick-walled glass tube to collapse. 

We are now in a position to understand the curve MNOPQ (fig. 27). 
On reducing the pressure from M to N isothermally, tlie boiling point N 
of the liquid is reached. If ebullition is avoided, tlie pressure may be 
reduced below the zero line, when it becomes negative pressure, or a 
tension, and we travel in the direction of O along the broken line. 
Normall}^ long before O is reached the liquid will boil and the system 
change to a stable condition represented by some ])oint along the line 
NP. 

Application of van der Waals’ Equation. —It was suggested by 
James Thomson in 1871 that the true form of the isothermal curves 
below^ the critical temperature is the continuous curve represented, in 
the case of carbon dioxide at 21° C., by the curve DCKLllBA, and not 
the discontinuous lines DC, CB, BA. Wc have already considered a 
certain amount of experimental evidence in favour of this view. If such 
is the case it is obvious that, at any temperature below the critical, there 
may be three volumes capable of existing in equilibrium with a single 
pressure. At 21° C. the three volumes represented by the points C, 
L and B are theoretically in equilibrium with the same pressure. It is 
interesting to note that van der Waals’ equation (p. 64) is in complete 
harmony with this, for it is a cubic equation with respect to V. Thus, 
instead of in the more usual form, namely 

(p + -^-^{V-b)^BT . . . ( 1 ) 

the equation may be written as 

V^-{b + ~)v^+pV-j^0 . 


(2) 
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from which it is obvious that V may have three values. If the three 
roots are x, y aad z, respectively, the equation may be written 

(F-a?)(F-t/)(F~^)^0 ... (8) 

a, h and R are constants, and by inserting the appropriate data and 
plotting the results we obtain curves similar to DCKLHBA in fig. 27, 
the loops CKL and LIIB having equal areas. Points C, L and B 
correspond to the three values of V for the particular pressure. At a 
lower pressure these values for F are more widely different and the 
loop areas are larger ; as the temperature rises, the values for V become 
more nearly alike, and finally become identical at the critical tempera¬ 
ture, This is the ease at F in fig. 27. At higher temperatures still, 
three values for F are mathematically possible, but of these only one 
is real, the otJiers being imaginary and having no physical significance, 
At the critical temperature, the three values for the volume, F, at 
the critical pressure, P,,, are identical, that is to say, the three roots 
of van der Waals’ equation are equal, and constitute the critical 
volume, Vf., so that 

F^. 

Equation (3) thus simplifies to 

(F-F,)3 = 0 .... (4) 

Expanding this equation we obtain 

F3^3FeF2+8Fe2F-F,»-0 ... (5) 

Comparing this with equation (2) we see that 

(6) 

( 7 ) 

( 8 ) 

From equations (7) and (8) it follows that 

.( 9 > 

If, therefore, van der Waals’ equation is trustworthy up to the critical 
point, equation (9) gives us a method of calculating the critical volume, 
which volume, as we have already mentioned (p. 98), is very difficult 
to determine directly with accuracy. If, on the other hand, Fg has 
been measured or calculated with the aid of the Law of Cailletet and 
Mathias, one-third of this value gives van der Waals’ constant b. 

From equations (7) and (9) we can deduce an expression defining 
the critical pressure in terms of the constants a and b, namely 


and 


OT7 , 


^ C p 

^ c 


Pc = 


a 

276 * • 


Similarly, from equations (6), (9) and (10) we find 



( 10 ) 


27/ft 


( 11 ) 
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which defines the critical temperature in terms of van der Waals’ 
constants a and h and the gas constant R. 

On the other hand, since and may often be determined with 
comparative ease, their values may be employed to calculate a and h, 
since from the foregoing equations it is easy to show that 

( 12 ) 

(13) 

(14) 

Unfortunately, however, van der Waals’ equation does not represent 
accurately the condition of a gas near the critical point. The values 
for a and h are readily calculated from equation (1) by inserting the 
observed volumes and jiressures at a series of temperatures ; but the 
critical data calculated from these values with the aid of equations (9), 
(10) and (11) do not agree very closely with the observed values. 

From equation (14) we see that 


and 




V 

^ c 

3 


RT, 

SP. 


R 


iZs 

T' 


_3 RT, SRT 3 
P, "S' P 


(lu; 


that is, the critical volume as calculated from van der Waals’ equation 
is three-eighths of the critical volume calculated for a gas on the 
assumption that the ordinary gas equation, namely PV=RT, were to 
hold; or, conversely 

r =1^ = 2-667 F, .... (16) 


We may write equation (14) as 

0_.|.2.«6T .... (17) 

Values found experimentally for the expression RTJP^Vf. are given 
for several substances in the table on p. 99. It will be observed that 
they approach more nearly to a mean value of 3-6. 

Corresponding States. —If we insert the values obtained for a, 
h and R in equations (12), (13) and (14) into equation (1) we have 


Dividing this by — 

3 


we obtain 






Writing 


(18) 
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equation (18) becomes 

+ . . . (19) 

This is a fundamental equation known as the reduced equation of 
state of van der Waals. It applies to all substances, for it possesses 
no constants peculiar to any one substance, a and b having been 
eliminated, as also and 2%. This has been effected by expressing 

the pressure, temperature and volume, not in arbitrary units such as 
atmospheres, degrees absolute and litres, but as fractions of the critical 
values for the substances concerned, tt is thus known as the reduced 
or corresponding pressure, and <f> and 6 as the reduced or corre¬ 
sponding volume and temperature respectively. 

When two or more substances arc at the same reduced temperature 
and pressure they are said to be in corresponding states, a term 
that explains itself. Under these conditions, if equation (19) is correct, 
the volumes of all the substances will be the same fraction of their 
critical volumes. This is called the Law of Corresponding States. 
That it is at any rate ap])roximately true is indicated in the following 
table : 


Corresponding States (77 = 0 08840). 
(Young and Thomas, 1893.) 


Substance. 

0, 

(Liquid). 

<f) (Saturated 
Vapour). 

Methyl formate 

0-7348 

0-4007 

29-4 

Ethyl formate. 

0-7385 

0-4004 

29-6 

Methyl alcohol 

0-773l« 

0-3949 

34-2 

Ethyl alcohol . 

0-7794 1 

0-4047 

32-1 

Propyl alcohol. 

0-7736 1 

0-4028 

31-1 

Benzene .... 

0-7282 

0-4053 

28-2 

Carbon tetrachloride 

0 7251 

0-4072 

27-4 

Stannic chloride 

0-7357 

0-4021 

28-1 


The ratios of the volumes of liquid to the critical volume show very 
close agreement ; for the saturated vapours the agreement is less good. 

Application of Dieterici’s Equation.—At low pressures, as we 
have already seen (p. 66), Dieterici’s eciuation is practically identical 
with that of van der Waals; but at higher pressures it is mathematically 
a more perfect conception of the condition of a gas, in that it takes 
into account the difference in density between the outermost layer and 
the main body of the gas, to which difference reference has already been 
made. At the critical point Dieterici’s equation predicts that 

R'T 

= 3-695. 

C ^ C 

This agrees much better with the values observed (see Table, p. 99). 
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On the other hand, Dieterici’s equation does not give with equal 
success the numerical values for the individual factors of the foregoing 
equation, namely Pc Thus, for example, the ratio VJh 

should be the same for all gases, namely 2, according to Dieterici’s 
eqijation, and 8, ac?(^ording to van der Waals’ equation. Nevertheless 
the following figures are obtained : 

Vrfh, 

Hydrogen . . . .2*80 

Carbon dioxide . . . 1*86 

Argon . . . . .1*41 

It must b(‘ admitted, therefore, that as yet our equations are only 
approximations to the truth. It may well be that the factors involved 
arc so complex tliat no relatively simple equation can ever be more 
than an approximation. 

Boiling Points as Corresponding Temperatures. —In 1890 
Guldberg ])ointcd out that the boiling })oint of a substance at atmo¬ 
spheric pressure is approximately two-thirds of the critical temperature 
when the absolute sc‘ale is used in both cases as a basis of comparison. 
The boiling point is tlms approximately a reduced or corresponding 
temperature. This is usually known as the Guldberg-Guye Rule. 
In the following tabic are given a few data illustrating the Rule: 


Guldberg-Guye Rule (1890). 


Substance. 

Boiling 

Point, 

n. 

Critical 

Temperature, 

Tr- 

n/r.. 

Sulphur dioxide 

2080 

430*5 

0*011 

Carbon dioxide 

194 5 

304 

0*040 

«-Pentanc 

809•() 

470 

0*058 

Diethyl ether . 

807*5 

4G7 

0*058 

Carbon tetrachloride 

350 0 

550 

0*030 

Benzene . 

352 0 

501 

0*029 

Chlorobenzene 

405*0 

082 

0*041 

Water .... 

373 0 

047 

0*577 

Ammonia 

234*5 

404 

0*580 

Chlorine .... 

238*4 

417 

0 572 

Ethane .... 

184*7 

305 

0*000 

Carbon disulphide . 

-—i- 

319 3 

550*7 

0*577 


It should be noted, however, that many substances deviate appreciably 
from the Rule. 

Connection between Tj, and interesting to note 

that in some cases the critical temperature is approximately given by 
the sum of the melting and boiling temperatures, all measured on the 
absolute scale. This is illustrated by the following data : 
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Substance, 

T 

m* 

n- 

T„+T,. 

T.. 

Hydrogen 

18-9 

20-3 

84-2 

34 

Chlorine . 

171-4 

238-4 

409-8 

417 

Oxygen . . 

54-6 

90-0 

144-6 

154 

Hydrogen sulphide . 

190-0 

213-0 

403-0 

373 

Water 

2730 

373-0 

040-0 

647 

Anunonia . 

1900 

234 5 

430-5 

404 

Carbon dioxide , 

21G0 

194-5 

410-5 

304 

Carbon disulphide 

100-0 

319-0 

479-0 

551 

Benzene . 

278-5 

352-0 

031-1 

561 


It is evident, however, that some substances do not conform at all 
closely to this regularity. If the melting (see p. 142 ) and boiling 
temperatures of substances were true reduced temperatures, the rule 
would be exceedingly useful. 






CHAPTER VII. 


LIQUEFACTION OF GASES. 

Historical.—AH ^ases can l)e liquefied provided the temperature is 
reduced sufficiently. The first gas to be condensed was sulphur 
dioxide (Mongo and Clouet, e. 1800); liquefaction is readily effected 
by passage of the gas through a tube cooled below -10° C. in a freezing 
mixture of, say, salt and ice. Commercially, however, the gas is at the 
present time liquefied by compression. In 1805 to 1800 Northmore 
liquefied chlorine, hydrogen chloride and sul})hur dioxide by compres¬ 
sion ; with carbon dioxide his apparatus burst. 

The first systematic investigation of the liquefaction of gases is due 
to Faraday (1823), who employed both pressure and cold. He sealed 
up the materials necessary to prepare the gas in one limb of a bent tube, 
cooled the other limb in a freezing mixture of ice and salt, and generated 
the gas within the closed tube by mixing and warming the materials. 
For example, chlorine hydrate was used in obtaining chlorine, and the 
ammoniate of silver chloride in obtaining ammonia. It was only 
necessary to warm these. In other cases the gases were generated by 
mixing two reagents and then warming. In this way the following 
gases were liquefied : Chlorine, sulphur dioxide, hydrogen sulphide, 
“ eu(;hlorine,” cyanogen, ammonia, carbon dioxide and nitrous oxide. 
The method was rather dangerous, frequent explosions occurring in the 
experiments on the last two gases. (On one occasion thirteen fragments 
of glass entered Faraday’s eye.) 

Bussy (1824) prepared liquid sulphur dioxide, and by rapidly 
evaporating it under reduced pressure he attained a temperature of 
-65° C. As a result he w^as able to liquefy chlorine and ammonia, 
and solidify cyanogen, through the agency of cold alone. 

Ten years later Thilorier liquefied carbon dioxide on a large scale 
in a wrought-iron cylinder by the combined application of pressure 
and cold. He made solid carbon dioxide or carbon dioxide “ snow ” 
by allowing the liquid to evaporate rapidly in a box provided with 
hollow wooden handles through which the vapour escaped. He also 
discovered that when the solid was mixed with ether an extremely 
convenient cooling medium was obtained, capable of yielding tempera¬ 
tures below -100° C, when rapidly evaporated. The mixture is known 
as Thilorier’s mixture. 

Faraday resumed his work on the liquefaction of gases in 1845. He 
applied pressure by means of two air-pumps, and availed himself of 
“ Thilorier’s mixture ” in order to obtain low temperatures. By 
evaporating this liquid under reduced pressure, a temperature of 
•^110° C., measured by an alcohol thermometer, was reached, and the 
following ga^es were liquefied: Ethylene, silicon fluoride, phosphine 

107 



108 


PHYSICAL CHEMISTRY. 


and boron trifluoride, whilst hydrogen bromide, liydrogcn iodide, 
“ euchlorine,” cyanogen, ammonia, sulphur dioxide, hydrogen sulphide 
and nitrous oxide were solidified. 

Faraday was unable to liquefy hydrogen, nitrogen, oxyg(^n, nitric 
oxide or carbon monoxide, and these gases came to b(' known as the 
“ }>ermanent gases.” We now know the reason for this. In the ])re- 
ceding chapter we learned that a gas cannot be liquelied at tenq)eratures 
above the critical ])oint, no matter how great the ])ressure. In the 
following table are given the boiling points and critical temperatures 
of some gases, and it will be noted that Faraday’s “ permanent gases ” 
have very low critical temperatures. At the present time we term 
permanent gases those gases whose critical })oints lie below the 
ordinary temperature of the air, that is to say, those gases that cannot 
be liquefied by pressure alone. 


Gaa. 

Boiling 

roint, 

C. 

Critic-al 

Point, 

-0. 

Cl as. 

Boiling 

f*oint, 

"C. 

Critical 

Point, 

"0. 

Helium 

- 268-9 

-2C8 

Ethane 

-88-3 

+ 32 

Hydrogen . 

- 252-7 

-239 

Carbon dioxide 

- 78-5 

311 

Nitrogen 

-195-8 

-147 

Nitrons oxide 

- 88-7 

36-5 

Carbon monoxide 

- 192-0 

- 139 

Hydrogen chloride 

- 85-0 

51-4 

Argon 

- 185-7 

-122 

Hydrogen sulphide 

- 60-0 

100 

Oxygen 

-1830 

-119 

Ammonia 

- 38-5 

131 

Nitric oxide 

-1500 

- 92-9 

Chlorine 

- 34-6 

144 

Methane 

-101*4 

- 82-5 

Sulphur dioxide . 

-10-0 

157-5 

Ethylene . 

-- 103-8 

j + 9-7 

Nitrogen tetroxide 

1 

+ 22-0 

1 158-2 


Carbon dioxide is on the border line between the “ permanent ” 
and the more easily liquefiable gases. Its critical temperature is 
31*1° C., w'hieh is several degrees above our average summer tem¬ 
perature, so that cylinders of the compressed gas wlien freshly filled 
contain liquid as well as vapour. The ])ressure in the cylinder thus 
corresponds to the normal vapour pressure of the liquid, namely 

Temperature, °C. . .0 10 15 20 25 

Pressure (atrnos.) . . 35 46 52 59 66 

Success in liquefying some of the permanent gases was first achieved 
in 1877, almost simultaneously by Cailletet in France and by Pictet 
in Switzerland. Pictet employed what is known as the cascade 
method. He first of all prepared a considerable quantity of liquid 
sulphur dioxide. By boiling this under reduced pressure a temperature 
of ~ 65° C. was attained, and used to liquefy carbon dioxide at a pressure 
of 4 to 6 atmospheres. This liquid in its turn was boiled under reduced 
pressure, and temperatures varying from -120° to -140° C. were 
thereby obtained. The liquid carbon dioxide was used to cool highly 
compressed oxygen, which condensed to the liquid state. 

Cailletet introduced the method of adiabatic expansion with the 
performance of external work. The sudden adiabatic expansion of a 
gas against an external pressure causes external work to be performed 
by the gas, which accordingly suffers a diminution in its internal energy, 
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and falls in temperature. The lowering of temperature obtained in 
this way may be very great. Cailletet compressed the gas confined over 
mercury in a capillary glass tube to pressures of several hundred 
atmospheres, (;ooled it to bctvv(;eii O'’ and “20'’ C., and then suddenly 
released the i)ressure. In this way he succeeded in liquefying acetyiene, 
nitric oxide, methane, oxygen, carbon monoxide, air and nitrogen (the 
first two gases yielded to cold and }>ressure alone, without any necessity 
for expansion), and also obtained indications of the liquefaction of 
hydrogen. The process, as carried out by Cailletet, was of no use 
commercially, for the permanent gases were only converted to a mist 
of small globules, and it was not until many years later that the method 
of cooling by adiabatic expansion was successfully worked on a large 
scale, 

Cailletet prepared large quantities of licpiid ethylene, wdiich he 
recommended as a valuable refrigerant, and, emjdoying this liquid, 
boiling under reduced pressure, as a cooling hath, he succeeded in 
obtaining liquid methane and oxygen as static liquids. The employ¬ 
ment of the same cooling medium by Wroblewski and Olszewski led 
subsequently to the ])roduetion of eonsidcral)le quantities of liquid 
oxygen, carbon monoxide and nitrogen, and the solidification of nitrogen 
and carbon monoxide, temperatures as low as -200'’ C'. being reached. 
The raj)id e\'a])oration of liquid ethylene in vacuo leads to a temperature 
of “152’ C. The utility of li(|uid ethylene as a refrigerant w^as also 
recognised by Dewar (1886), who prepared liquid air and oxygen in 
large quantities by its aid. 

Production of Liquid Air. —The methods for the production of 
liquid air are divisible into two classes according to w^hether the cooling 
of the gases is due to the external or internal w'ork performed by them. 

The former method is based on the principle that the sudden adia¬ 
batic exj)ansion of gases against an (external pressure causes external 
w^ork to be done Ijy them, accompanied by a proportional diminution 
in their own internal energy, manifested by a reduction in their tem¬ 
perature. Although this method was introdu(*ed by Cailletet in 1877 
and was, as already stated, su<*cessfully applied by him to the lique¬ 
faction of oxygen, nitrogen and air, it was not until 1905 that it was 
successfully aT)])]ied on a commercial scale, namelv, in the Claude 
Process. 

The difficulty of lubrication appears to have been mainly responsible 
for the failure of previous attempts, and this was first overcome by the 
employment of petroleum ether, which does not solidify, but merely 
becomes viscous at such low’ temperatures as -140° to -160° C. Later, 
however, it was found that leather retains its ordinary properties at 
these low temperatures, and in 1912 leather stampings were fitted to 
the working parts of the machinery to the entire exclusion of lubricants. 
Claude’s apparatus is shown diagrammatically in fig. 29. 

Air, compressed to 40 atmospheres, passes along the inner tube Tj 
of the usual concentric system to the branched tube B, where it is in 
connection with a “ liquelier,” wdiilst much of it })asses on through the 
expansion machine. Cooled by its loss of energy during expansion, it 
proceeds to the tubes inside the liquefier, and linally passes along the 
outer of the concentric tubes, thus cooling the oncoming air, whiddi 
reaches the expansion machine at -100° C. So cold docs the expanded 
gas become that the compressed air in the liquefier finally condenses 
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and is tapped off periodically, whilst the gas, after exerting this cooling 
effect, flows from the tubes of the liquefier into the outer tube T 2 and 
reduces to approximately -lOO"^ C. the temperature of the air passing 
through Tj. 

The liquid air is usually collected and stored in Dewar vacuum 
flasks. These arc double-walled glass vessels, the space between the 
walls being completely evacuated, so that the liquid in the flask is 
vacuurn-jacketed. The heat conveyed by radiation across the vacuous 



Fig. 29. —Claude’s Apparatus for l^roduction of Liquid Air. 

space is only about onc-sixth of that which would reach the liquid by 
conduction and convection if the space were filled with air, and this 
can be reduced to one-thirtieth by silvering the interior of the jacket. 
This latter procedure, however, is impracticable if for any purpose it is 
necessary to observe the contents of the flask. 

The Joule-Kelvin Effect.—Reference has already been made to 
the fact, observed by Joule and Thomson (Lord Kelvin) in 1854, that 
when a highly compressed gas is allowed to expand into a region of 
low pressure in such a manner that no work is done-against external 
pressure, the gas in general becomes slightly -cooler. This is known as 
the Joule-Kelvin effect and is attributable to the fact that the molecules 
possess a certain amount of attraction for each other, which is some¬ 
times referred to as internal or intrinsic pressure (p. 68). The 
work done in separating the molecules is carried out at the expense of 
the sensible heat of the gas, and is greater the lower the temperature. 
It would not exist in the case of a perfect gas upon free expansion, 
namely into a vacuum, and must be carefully distinguished from the 
cooling already considered as the result of adiabatic expansion against 
the external atmospheric pressure, and utilised in the Claude Process. 
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This thermal effect was studied first by Joule and Thomson. The 
method of experiment consisted in passing a steady stream of gas 
through a copper spiral immersed in a water bath at constant tem¬ 
perature. The gas was allowed to escape through a porous plug of 
cotton wool, which prevented it from leaving with any appreciable 
kinetic energy. The initial and final temperatures of the gas were 
noted. In the following table are given the observed changes in 
temperature per atmosphere: 

The Joule-Kelvin Effect. 


Ga8. 

Teraperature, 

"C. 

Alteration in 
Temperature, °C. 
per Atmos. 

Air .... 

0 

-0-276 

Oxygen 

0 

-0-866 

,, ... 

20 

-0-328 

,, ... 

100 

-0-193 

Nitrogen 

0 

-0-333 

,, ... 

20 

-0-291 

Carbon dioxide 

0 

-1-382 

Hydrogen . 

0 

-f 0-013 

,, ... 

20 

-fO-018 

,, ... 

100 

+ 0-039 


As is seen from the table, the thermal effect is quite small, and for 
most gases falls with rise of temperature, becoming nil if the temperature 
is raised sufficiently to what is termed the inversion temperature. 
Above this temperature heat is evolved on expansion. In the case of 
the air the thermal effect may be calculated from the expression 

(<,-<,) =0-276(p,-p,)(^)' 

where is the initial high pressure, pg pressure, in atmo¬ 

spheres, and T the initial absolute temperature, the cooling being 
expressed in degrees centigrade. By employing high pressures the cool¬ 
ing effect is proportionately enhanced. Thus, if a pressure difference of 
100 atmospheres is employed, working at 0° €., the fall in tem])erature is 
27*6 centigrade degrees in the case of air. 

By allowing air to expand suddenly at ordinary temperatures a 
certain cooling is thus produced, and by applying this cooled gas to the 
reduction of the temperature of yet unexpanded gas, the latter after 
expansion will attain a still lower temperature. In this way it is 
possible to make the cooling effect cumulative, so that at last the 
temperature of the air is reduced to the liquefying point. The Linde, 
Dewar and Hampson liquefiers are based on this principle. 

A diagrammatic representation of the Linde machine is given in 
fig. 80, Air compressed to 200 atmospheres passes through the steel 
bottle B» where it deposits its moisture, and thence proceeds to the 
worm surrounded by a refrigerating medium. Here the temperature 
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is reduced to -50® C. and the last traces of water-vapour are removed. 
The gas then passes down the innermost of the concentric copper tubes 
T, by way of which it reaches the needle-valve V, where it ex])ands to 
a pressure of 40 atmospheres. This limited expansion affords the major 
portion of the Joule-Kclvin effect, and at the same time reduc*es the 
subsequent necessary work of compression. The cooled expanded gas 
returns through the second concentric tu})e to the compressor, cooling 

the oncoming air as it passes. 



As tliis process is continued, 
the air reaching V steadily 
falls in temperature until at 
last it begins to condense to 
the li(juid state, when the 
liquid is allowed periodically 
to pass through the valve Y 
where, on account of the 
further decrease of pressure 
to one atmospht^re, it eva¬ 
porates vigorously imtil its 
tem])erature falls to its nor¬ 
mal boiling point for this 
pressure; the cold gas from 
the evaporation j^asses away 
through the outermost con¬ 
centric tube and so assists 
in cooling the compressed 
air, whilst the liquid air 
collects in the receiver R 
and can be drawn off as re¬ 
quired by the tap C. The 
apparatus is enclosed in a 
pac'king of non-conducting 
material such as wool and 
is supported exiernally by a 
wooden or metallic case. In 
the earlier forms of this type 
of liquefier the process was 


Fio. 30.—The Linde Liquid Air Machine. Somewhat simpler, because 


the pressure was allowed to 


fall directly to the ordinary external atmospheric pressure by one ex¬ 
pansion only. Machines of the more modern type have been constructed 
to yield over 50 litres of liquid air per hour. 

The application of this method to the liquefaction of hydrogen at 
first sight seems out of the question, since a slight rise in temperature 
is observed with this gas after passage through the aforementioned 
plug, as though the molecules actually repel one another. Helium is 
similar. These two gases are thus “ over-perfect ” or “ ultra-perfect ” 
(p. 45). The heating effect in the ease of hydrogen is seen to fall with 
fall in the temperature, and if the gas is cooled below -80*5® C. before 
passing through the plug, a cooling effect is observed as with ordinary 
gases. In 1898 Dewar succeeded in liquefying hydrogen for the first 
time in bulk by making use of this fact. The gas was first cooled by 
liquid air, and then further cwlcd by adiabatic expansion. Helium 
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proved even more difReult to liquefy than hydrogen, but its liquefaction 
was at length accomplished by Kanierlingh Onnes in 1908 by the self- 
intensifying process, as outlined above, after initially cooling the gas 
to the temperature of liquid hydrogen. Keesom in 1926 succeeded in 
obtaining solid helium at 1*1° abs. as a homogeneous transparent mass 
of refractive index closely similar to that of the liquid. 

Production of Liquid Oxygen.—On account of the great import¬ 
ance of oxygen and the in(*reasing importance of nitrogen for industrial 
and other purposes, the liquid mixture of these elements (liquid air) 




Fig. 31.—The Linde Oxygen Plant. 

provides a promising field for a successful process for the production of 
the individual gases on a large scale. 

The vapour of boiling liquid air is richer in nitrogen than is the 
liquid ; hence careful fractional distillation or evaporation should finally 
yield the oxygen in a pure condition, because the boiling point rises 
steadily as the percentage of oxygen increases. 

Several forms of aj>paratus have been proposed. One of the earlier 
forms, suggested by landc, consisted of a modification of the apjiaratus 
represented in fig. 30 ; this was supplied with only one valve, which 
allowed immediate expansion to atmospheric pressure, the liquid air 
produced by the cooling being collected in a suitable receiver. The 
compressed gas, before reaching the valve, was made to circulate through 
a copper coil actually inside the receiver, so as to be covered by the 
liquid air already formed. The relative warmth of this gas caused an 
evaporation of the more volatile nitrogen, the liquid lost by evaporcation 
being replaced by fresh liquid air produced by the ex})ansion of the 
cooled gas. Proceeding in this way, the receiver soon contained fairly 
pure liquid oxygen, which could be drawn off as necessary, and trans¬ 
ported, in the form of compressed gas, in steel cylinders. As the gaseous 
VOL. I. 8 
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nitrogen which passes away from the apparatus is formed by the 
evaporation of a liquid containing at least 21 per cent, of oxygen, the 
nitrogen is not pure, but contains at least 7 per cent, of oxygen. A more 
recent form of the Linde oxygen plant is shown in fig. 31. 

Prior to admission to the plant, the air is comj)rcssed to 135 atmo¬ 
spheres (2000 lb. per square inch) and cooled to -20° C. in an ordinary 

refrigerating apparatus. This serves to 
freeze out atmospheric moisture. Carbon 
dioxide is removed by passage throtigh a 
slaked lime purifier. Thus treated, the 
air is admitted to the liinde plant at the 
mouth of the regenerator spiral A A' 
through three small ])ipes a, one of which 
is surrounded by a wider concentric pipe 
5, as indicated in fig. 31. These small 
pipes, inside AA', encircle the rectifying 
column D, and emerge into the smaller, 
spiral surrounded by licpiid oxygen in B. 
The air on its passage becomes increas¬ 
ingly cooler, and escapes by way of the 
throttle-valve C to the to]i of the recti¬ 
fying column D, a fall in tcm})erature 
occurring at C owing to the Joulc- 
Thomson effect. Ultimately a licpiid ri(*h 
in oxygen collects in B, whilst gas rich 
in nitrogen and containing only about 7 
]:)er cent, of oxygen escapes at E and 
leaves the ap})aratus through the regene¬ 
rator spiral AA', cooling in its j^assage, 
by conduction, the incoming air in a. 
The oxygen at F leaves through the tube 
h passing up inside A'A. 

When the apparatus has been at work 
a sufficient time to become steady, the 
liquid in B is continuously evaporated 
by the warmer air passing through the 
spiral, and the vapours escaping from B 
_,C0MJESSED are rich in nitrogen, whilst the liquid 
remaining is rich in oxygen. The recti¬ 
fying tower, with its baffle plates, re¬ 
duces the amount of oxygen in the 
vapours escaping at E to about 7 per 
cent., for the ascending gases are con- 



U PURE 
* OXYGEN 


Fia. 32.—The Claude Separator. 


stantly meeting liquids whose temperatures farther up the rectifying 
column are increasingly lower. The oxygen thus condenses and joins 
the descending liquid stream. On the other hand, the nitrogen in that 
stream meets increasingly warmer gases as it falls, and having a lower 
boiling point than the oxygen, it evaporates away and escapes at E. 
Liquid oxygen of 98 to 99 per cent, purity collects in B and is finally 
drawn off at H through 5, 

The efficiency of the apparatus depends upon the temperature 
gradient between D and F, and this is controlled by the throttle-valve 
C. In practice it is found that a pressure of 50 to 60 atmospheres is 
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sufficient, when the plant is in steady running, the temperature of the 
entering liquid air at D being -192° C., and at F -181-5° C. 

In Claude’s process compressed air, cooled by passage through a 
coil surrounded by the cold gases issuing from other parts of the appa¬ 
ratus, enters the lower portion of the apparatus (fig. 32) at A, whence 
it reaches the inner part of the tubular vessel B of annular cross-section ; 
this vessel is surrounded by liquid oxygen. During its ascent through 
B, the air becomes partially condensed to a liquid which will contain 
up to 47 per cent, of oxygen. If the pressure of the incoming gas is 
correctly adjusted, the residual gas will consist of almost pure nitrogen, 
which will })ass over into the external tubular space C, where it becomes 
entirely liquefied. The liquids condensed in D and E are therefore 
greatly enriched in oxygen and nitrogen respectively before admission 
to the “ still ” proper. The liquid collecting in D is caused by its 
pressure to rise through a regulating-valve into the fractionating 
column at F, and, overflowing downwards, meets the asc-ending gases 
from the liquid oxygen in 11. On account of the (‘ontact between these 
two currents, the descending li(piid grows steadily richer in oxygen 
until it reaches the vessel II, which is in connection with the tubes in 
B, as liquid oxygen. The gases rising up the (’olumn beyond F become 
submitted to further “ scrubbing ” by the liquid nitrogen reaching G 
from E, the effect of this being to condense any oxygen still remaining 
in the gas so that it returns to scrub the aseendi?ig gases in the lower 
portion of the column, whilst the gas issuing at the top is reduced to 
pure nitrogen. Gaseous oxygen can be drawn from I above the con¬ 
densed li(juid. Thus almost pure oxygen and nitrogen are produced 
simultaneously. 

Commercial licpiid oxygen, however, contains a small percentage of 
argon, the bulk of the argon from the original air being concentrated in 
the oxygen fraction. 



CHAPTER VIII. 


DENSITIES AND MOLECULAR WEIGHTS OF GASES 
AND VAPOURS. 

Density has already V)een defined as the mass of unit volume (p. 11). 
For solids and liquids tlie cubic centimetre is usually cliosen as the unit 
of volume, but in the case of gases the mass of 1 c.c. would be an 
inconveniently small amount to deal with, and th(‘ litre is therefore 
usually chosen as the unit of volume. For ])ur})oscs of comparison, 
where great accuracy is re<|uired, the density may be calculated for the 
normal litre, that is to say, for a litre of the gas measured at 0"^ C. 
under a pressure of 1 atmosphere at sea levci and at a latitude of 45'^ 
(p. 14). 

In the table on p. 122 are given the normal densities (L) of a 
few^ typical permanent gases. 

Relative Density.—It is frequently conv('nii‘nt to express the 
density of a solid or liquid relatively to that of water. The ratio 
obtained is knowm as the relative density or s])eei(ic gravity. Similarly 
we often find it convenient to express the density of a gas or vapour 
relatively to that of some other gas. Air is frequently chosen as the 
standard, particularly for vapour densitl(‘s w^luu*e great accura(‘y is not 
essential; but for very accurate work the choice is not good unless the 
composition of the air is also given, since the (‘ornposition varies 
slightly from time to time at the same place, and from locality to 
locality ; this is reflected in changes of the air density, which normally 
varies between the limits I’2927 and 1*2938. At the present time 
oxygen is chosen as the standard, but, as we have already seen (p. 34), 
even this gas is not altogether free from objection, as three isotopes 
are known to exist, of atomic wxdghts 1(5, 17 and 18 respectively. 
Unless these are always present in exactly the same pro})ortions in 
our samples of the gas, the mean density of the latter must vary. 
Fortunately we have every reason to believe that no appreciable 
variation occurs, but theoretically the position is disturbing. 

According to Avogadro’s Hypothesis the molecular weights of gases 
are proportional to their relative densities. If, therefore, Do represents 
the gas or vapour density compared with that of oxygen taken as 16, 
and M is the molecular weight of the substance, it follows that 

M : S2^Do : 16 
or 

M=^2Do .( 1 ) 

that is to say, the molecular weight is numerically equal to twice the 
density. If hydrogen or air be taken as standards, our equation becomes 

116 
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M - 2 01 6Z)h 
or 

M 

rcs})(‘ctively. 

The methods available for the experimental determination of the 
densities of gases and vapours fall into two classes, according as they 
are capable of yielding exact or merely approximate results. Exact 
determinations are possible only when the substances are gaseous 
at ordinary temperatures. laquid and solid substances have to be 
vaporised, and the gas laws do not accurately describe the behaviour 
of vaj)ours. 

The Exact Determination of Gas Densities. 

1. The Globe Method.—This was first adapted to accurate work 
by Kcgnault (1845) ; it is comparatively simple to carry out, permits 
of several experiments being conducted simultaneously, and furnishes 
results little, if at all, inferior to those obtained by the volumeter 
method. It is not necessary to employ very large globes, the results 
obtained with quite small globes being at least as concordant among 
themselves as those obtained with 8- to 10-litre globes. Lord Rayleigh’s 
accurate experiments were carried out with a globe the volume of which 
was about 1*8 litres, while the density of nitric oxide was measured 
by Gray using a globe of only ()’2G7 litre capacity. 

A small globe possesses the advantage that the correction necessary 
on account of its contraction when evacuated is proportionally less 
than that for a large globe. In fact, the only error that is augmented 
by emj)loying a small globe is that due to adsorption of gas on the 
surface of the glass (Chapter XX J). 

The procedure is as follows : A glass globe of known capacity is 
carefully cleaned, dried, evacuated and weighed. To obtain accurate 
results it is absolutely necessary to have the interior of the globe 
perfectly dry, and to ensure this, after first lilling the globe repeatedly 
with pure air dried by phosphoric anhydride, it is necessary to fill it 
repeatedly with the })ure, dry gas, and evacuate. Successive density 
determinations then give concordant results, provided care is taken to 
maintain the globe vacuous between the experiments. After weighing, 
the globe is filled with the pure gas, at an observed pressure p and 
temperature t, and reweighed. The value of p is usually about 760 mm., 
and the value of t is almost invariably C. During the weighings the 
globe is counterbalanced by a dummy globe made of t he same kind of 
glass and being as nearly as possible of the same weight and external 
volume as the experimental globe. The surfaces of the two globes are 
always treated in precisely the same manner. In this way errors due 
to the hygroscopic nature of glass and to changes in the temperature 
and pressure of the air in the balance room are avoided. 

In order to explain the method of calculation, suppose that the 
excess weight of the evacuated globe over that of its counterpoise 
is grammes, and that of the globe plus gas is grammes. The 
approximate weight of gas is then ^ grammes, say. It 

may be supposed that t is 0® C. and that p is approximately 760 mm. 

Now, the glass globe, being elastic, responds to pressure, so that the 
volume of the evacuated globe is a trifle smaller than that of the globe 
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when filled with gas. Let this diminution in volume of the globe, due 
to evacuation, be e c.c. A correction to the weight w is clearly 
necessary. Assuming that 1 c.c. of air under laboratory conditions 
weighs a grammes, the upward force of the atmospluTC on the globe, 
when filled at atmos])herie pressTirc, exceeds that on the exhausted 
globe by ae grammes. The corrected weight of the gas is therefore 
w +ae grammes. 

The contrac^tion und(?rgone by a globe when evacuated may be 
measured by the following method (Travers, 1901): The globe is 
su])portcd in the interior of a large desiccator, its stem passing through 
one of the holes in a sto])])er in the desiccator lid. Through the other 
hole a calibrated vertical capillary tube is passed. The desiccator is 
filled Avith water and immersed in a constant tem 2 )erature bath, and 
the contraction of the globe is obtained by observing how far the level 
of the Avater falls in the capillarj^ tube Avhen the globe is evacuated. 

The volume of the globe is deduced from the weight of water that 
the globe holds. If the apparent weight of water (corrected if necessary 
for the weight of air displaced by the water) filling the globe at 0° C. 
is W grammes, and d is the density of wat(‘r at 0° C., the volume of the 
globe at 0° C. is Wjd c.c. ~ V litres, say. 

Hence, assuming the validity of Hoyle’s LaAV, the weight of 1 litre 
of gas at 0"^ C. and 760 mm. is given by— 


76()(aM //e) 

PV 


grammes . 


(ii) 


In order to deduce the Aveight of a ‘‘ normal litre,” L, i.e, the weight of 
1 litre of the gas at 0° C. and 760 mm. pressure, and at sea level in 
lat. 45°, the above expression must be divided by— 

(1 - 0 0026 cos 2A - 0-000000196/0 . . (8) 

where A is the latitude of the laboratory and fi the height in metres 
above sea level. 

The A^alue thus obtained is still subject to correction for at least 
two further sources of error, namely : 

(i) AdsorjAtion.—This is a surface phenomenon, and refers to the 
tendency for a layer of gas molecules to condense on the inner 
surface of the glass globe. This clauses the result to be too 
high, but for the lAcrmanent gases, which are diflicult to 
licpiefy, the effect is small and may in general be ignored. 

(ii) The assumption that Boyle’s Law is valid. If the globe is 
filled with gas at a pressure which differs from 760 mm. by 
only a few millimetres the error involved is negligible. Other¬ 
wise a correction is necessary and can be applied readily if 
the compressibility of the gas is known. 

It will be noticed that no allow^ancc has been made for the AAcight 
of air displaced by the weights employed. This is not necessary if the 
relative values assigned to the various pieces are correct in air ; if, 
however, in the calibration of the weights, all results had been reduced 
to the vacuum standard before the relative values of the pieces were 
calculated, the correction for air displaced by the weights would 
become necessary. 
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2. The Volumeter Method. —By this method it is possible to 
deal with large quantities of gas, since the apparatus for measuring 
the volume need not be portable. The weight of the gas may be 
determined in two ways, either by disengaging the gas from an 
apparatus whi(‘li only allows ^mre, dry gas to escape, and determining 
the loss in weight of the apparatus, or by removing the gas from the 
volumeter after its volume, temperature and pressure have been 
determined, absorbing it by suitable means, and determining the 
increase in weight of the absorption apparatus and contents. 

The arrangement adopted by Guye and Pintza for determining the 
density of nitrogen is shown in fig. 33. The globes A and B were 



Fig. 33.—Guye and Pintza’s Apparatus for Density of Nitrogen. 


calibrated by determining the weight of water at 0° C. that filled them 
to the marks a and b. Tlieir combined volumes amounted to 3502-33 c.c. 
The “ dead space ” extending from these marks to the tap L in one 
direction, and the zero-point n of the mercury manometer in the other, 
was separately determined, as also was the space between the taps 
H, I and L. 

In conducting an experiment, the absorption tube C, containing 
coconut charcoal, was evacuated, weighed and attached to the 
apparatus as shown. The apparatus, which had previously been 
rinsed out several times with the pure, dry gas, was evacuated, and 
then slowly filled with the gas until the pressure was about atmospheric. 
The globes were surrounded by melting ice, and when the temperature 
of the gas had reached 0® C., the taps 1 and L were closed, the mercury 
adjusted to the mark n, and the initial pressure of the gas accurately 
observed. The space H I li was next evacuated, the tap I closed, and 
then, by suitably manipulating the taps H, L and R, the gas was 
absorbed in the charcoal contained in the tube C ; this tube was cooled 
in a bath of ether and solid carbon dioxide. After most of the gas had 
been absorbed, the taps H and L were closed, and the pressure of the 
residual gas in the globes determined. The gas contained between II, 
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I and L was pumped out and measured, and the absorption tube removed 
and rcwcighed. 

In calculating the results, the difference between the initial and 
final pressures was taken, and the densities deduced according to the 
method givcMi on p. 118, the correction for elasticity of the glass being, 
however, unnecessary. Due allowance was made for tlie fact that the 
temperature of the gas in the “ dead space ” was not 0° C., and the 
results were corrected for the known deviations of the gases from 
Boyle’s Law. 

The terms molecule and molecular weight ]m\e already been 
defined in the second cha])ter. Although much (evidence of the reality 
of molecules now’ exists, no methods of measurement ha\’e yet been 
devised for the accurate determination of their absolute masses. In 
chemistry, however, one is concerned almost exclusively with the 
comparison of molecular weights. Accepting Avogadro’s Hypothesis 
as a fundamental principle, this comparison can l)e aecoinplished readily 
by metliods wdiich w’cre indicated by A^'Ogadro and linally established 
through the clear exposition of the hypothesis by Cannizzaro (p. 82). 

The determination of molecular w’cights is a necessary ]nTliminary 
to a knowledge of the atomic weights of the elements, but only in the 
cases of substances gaseous at the ordinary t('mperature can cxa(‘t 
molecular w'eights be directly determined. In the juajority of (*ascs it 
is necessary to determine approximate molecular wtaghts of edements 
and compounds, and also the accurate chemical (‘(juivalents of the 
elements. From these tw^o sets of data the accurate atomic weights of 
the elements and the molecular formidjc of the elements and compounds 
can be deduced. Exact molecular weights are th(‘n derived by adding 
together for each substance the relative weights of the atoms present 
in the molecule. 

Calculation of Exact Moleculak WF.iciiiTs from the Normal 
Densities of Gases. 

In an earlier chapter (p. 82) w’e saw that Cannizzaro’s system of 
determining atomic weights consisted in ascertaining first the molecular 
weights of gases or volatile substances on the assumption, implied in 
Avogadro’s Hypothesis, that the relative masses of the molecules of the 
gases arc proportional to the gaseous densities (}>, 82). The prodiu^t of 
the gramme-molecular volume of a gas and its density will therefore 
give its gramme-molecular weight. Avogadro’s Hypothesis assumes 
that the gramme-molecular volume is the same for all gases, and on 
this basis the molecular weights of several gases have been calculated 
(see Table, p. 122). But these molecular weights cannot rigidly be 
true, for, as we have seen, Avogadro’s Hypothesis itself is only an 
approximation to the truth under ordinary conditions. We believe, 
however, that under a common, indeHnitely small pressure, all 
gases have exactly the same gramme-molecular volume, pro¬ 
vided the temperature is the same. If, therefore, we can by any 
means determine the mean deviation of a gas from Boyle’s Law between 
0 and 1 atmosphere (p. 49), we can calculate its molecular weight by 
the method of limiting densities. The procedure is as follows 
(D. Berthelot, 1898): 
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Let the common molecular volume of two gases be Vq at 0° C. and 
under the infinitesimal pressure Pq. Their volumes will be different, 
V and V' say, at a pressure of 1 atmosphere, P^. Now the deviations 
of the gases from Boyle’s Law may be expressed conveniently as 
follows : 

. . . ( 4 ) 

and 

^ 0^0 -*0 


in whieli Al and represent the mean deviations of the gases from 
Boyle’s Law between 0 and 1 atmosphere. Hence 


Pi 1 — (^ ^ o> 

I\V\ = il-A'l)F^Vo, 

and therefore 



(5) 


If, then, tlie ‘‘ normal ” densities (/.e. masses in grammes of a “ normal ” 
litre) of the gases are L and U respectively, their molecular weights 
M and M' satisfy the e([uation 

M (1 - Al,)L 

which, if M', L' and A'}) refer to oxygen, may be written— 


il/=32 


Po2 (1 -Aoz) 


(C) 


the limits zero and 1 atmosphere between whi(‘h A is determined being 
understood. This equation expresses the molecular weight of a gas in 
terms of its density and compressibility and the corresponding values 
for oxygen. 

Since the values of L and A for oxygen are 1*42897 and 0*00096 
respectively, equation (6) becomes 

J/=22*4L(1-.1) .... (7) 

The determination of Al involves an extrapolation, but this is easily 
carried out in the case of gases that are dillieult to licpiefy, since, over 
the range of pressure from 1 to 2 or 3 atmospheres the relationship 
between P V and P is linear. Moreover, the numerical values of Al 
for these gases are very small, and a very high order of accuracy in their 
measurement is not necessary. With gases such as carbon dioxide, 
hydrogen chloride, etc., that are readily liquefied, the values of Al are 
much greater and require to be determined with a considerable degree 
of precision. At the present time it cannot be said that such measure¬ 
ments have been accomplished. The relation between PF and P in 
these eases is not linear, the graph showing a slight, but decided 
curvature, and the most satisfactory method of deducing Al consists 
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in measuring accurately the values of PV from P = 1 atmosphere down¬ 
wards as far as it is possible to obtain exact measurements ; graphic 
extrapolation then furnishes the limiting value 

The following table gives the results obtained for the gramme- 
molecular weights of several gases with the aid of equation (4). Under 
S Atomic Weights arc given the corresponding molecular weights calcu¬ 
lated as the sum of the atomic weights from the table on pp. 85, 80. It 
will be observed that the agreement is very close. 


Gas. 

Formula. 

Normal 

I>nsit 3 % 

L. 

Boiling 

Point, 

°AbH. 

A. 

M. 

Atomit! 

Weights. 

Hy(lrt)gcn 

H. 

0-()8087 

20*5 

- 0*00056 

2*0156 

2-0166 

Nitrogen 

N, 

1-25036 

77 

+ 00(X)44 

28015 

2S-0I6 

Carbon monoxide . 

(X) 

i-2r)0ii 

83 

+ 0*00060 

28*009 

28-00 

Nitric oxido . 

NO 

1*8402 

123 

+ 0*00114 ! 

30*006 

30-008 

' Hydrogen chloride . 

HCl 

10892 

188 

+ 0*00743 

36*469 

36-465 

Carbon dioxide 

OO 2 

1*07()8 

194* 

+ 0*00676 

44 000 

44-00 

Nitrous oxide 

N^O 

: 1*9777 

184 

■} 0*00739 

44*002 

44-016 

Methane 

CH 4 

0*7168 

112 

+ 0*00175 

16*039 

16-031 

Ethane . 

C,He 

1*3562 

185 

f 0*01194 

30*037 

30-054 


♦ Sublimation temperature. 


The value for A rises with the boiling point. For hydrogen it is 
negative, but we have already seen that this gas is “ idtra-perfect.” 

It is easy to deduce from the foregoing table the atomic weights of 
the elements concerned, and the mean values are in good agreement 
with those obtained by gravimetric analysis and other methods, as 
given in the table on pp. 85, 30. 

This method is the only one by which we can determine with 
accuracy the molecular weights of the inert gases of Group 0 of the 
Periodic Table. These gases are believed to be monatomic, since the 
ratio of their specific heats at constant jiressurc and constant volume 
respectively is approximately 166, a value which is characteristic for 
monatomic vapours, as we shall see later (Chapter XII). The inert 
gases do not yield definite compounds suitable for accurate analysis, 
so that their atomic weights cannot be determined in the usual chemi(*al 
manner. Their atomic weights, which are identical with their mole¬ 
cular weights, are therefore determined from their densities in the 
foregoing manner. 

Another method of calculating exact molecular weights is that 
known as the Reduction of Critical Constants Method (Guye, 
1905). It is as follows : 

Van der Waals’ equation (p. 64) 

'P+-^){V-b)^RT ... ( 8 ) 

becomes, when P is expressed in atmospheres, and the unit of volume 
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is taken as the volume occupied by a gramme-molecule of the gas at 

( 7 ^+ . . (9) 


From this it has been deduced that the relative molecular volumes 
of different gases at N.T.P. are proportional to 


(1 +«)(T-//j’ (1 +rtO‘(i -bj (1 +rt")(i -b")’ 

lleiicc, 

KL 

^ -{i +aj(i-by 

where K is a constant for all gases, and is ob\'ionsly the volume in litres 
occupied by a gramme-inoleculc of a perfect gas at N.T.P. For K, 
Guye ado})ts the value 22‘4P2. Hence, 


22U2L 

(rVa)(l-b) 


( 10 ) 


The values of a and b may be calculated from the ecpiations (p. 102) 
1\ - Sai27hR, - ai27b\ 

in which, as has been already found above, 


7R = (l+fl)(l -b)j27^. 


Now van der Waals’ ecpiatioii is only approximately correct, and in 
order to obtain a more accurate representation of the behaviour of 
gases, it is necessary to assume that a and b vary with the temi)erature. 
For tins j)urpose Guye employs the following empirical formuhe to 
deduce the values of Oq and the values of a and h at 0® C, : 

= • (11) 

The value of jS, deduced from the critical constants, density and mole¬ 
cular weight of earl>on dioxide, is 0*0032229. Tl)e molecular weight M 
is then given by the formula 

22*412L 

^^-(iVa,)(i-b,y 

A sim]der method of calculation sufiiees for the diflicultly liquefiable 
gases. The relations (11) above are not ne(*essary, the equation 

+a)(l-ft) =22-412+/»T, . . . (12) 


being suflieiently accurate. The value of 7n, obtained by substituting 
the known data for oxygen, is 0 0000C23. 

This method is an empirical method, and being based upon van der 
Waals’ equation, it would be expected to break down for gases that are 
at all associated at the critical temperature. The following table 
illustrates the nature of the results it yields; 
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(IftS, 

L. 

Molecular 

Weight. 

Sum of Atomic 
Weights 
(pp. 35, 36). 

11^ ... . 

008987 


20150 

N., ... . 

1 25030 

28 013 

28-010 

VO .... 

1'25011 

28 003 

28-000 

NO ... . 

1 -3402 

30-009 

30-008 

(ir^ .... 

0-7108 

10-034 

10 031 

X.,() .... 

1-9777 

44012 

44-010 


The agr'cenicnt between tfie data in the last two eolunins is exeeedingly 
close. 

Approximate Determination ok Gas and Yapoi r Densities. 

Quartz Microbalance Method.- This method was used by Aston 
(1913) when determining the densities of different fractions of neon in 
an attempt to separate its isotopes. The balance consists of a light, 
evacuated (piartz bulb B (fig. 34), of about 0-3 c.e. capacity, attached 
to one end of a lever, fitted with a suitable fulcrum F, the wliole being 
in a glass ease. I'he other end of the lever is kept in ])osition between 
two stirrups. The vessel is first evacuated, then the gas under test is 
admitted until A rests at an arbitrary zero on a teleseojie scale. The 



pressure is noted. The gas is now removed and oxygen admitted 
until the lever again rests at the same zero. The ])ressure is again 
noted, 2 ^ 2 * I^uw pressures are used, of the order of 8 cm., and under 
these conditions the temperatures quickly adjust themselves to con¬ 
stancy. The density of the gas is given by the ratio 

dga« • doxygeii ^P2 • Pi 

with an accuracy of about 0-1 per cent. Not more than 0*5 c.c. of gas 
need be used, and the experiment can be completed in about 10 minutes. 

Bunsen’s Effusion Method. —This method was introduced by 
Bunsen (1857) to determine approximately the density of a gas when 
only a few c.c. w^ere available. An account of the method has already 
been given (p. 43). 

For the determination of the vapour densities of substances that 
exist normally as liquids or solids, the following methods are available: 
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Dumas’ Method (1820).—The substance to be volatilised is intro¬ 
duced into a weighed round, pear-shaped or cylindrical bulb, the ne(*k 
of which is drawn out to a point. The bulb is heated by means of 
a constant temperature bath, maintained at 20 ° to 80° C. above the 
boiling ])oint of the substance under investigation, until the air has been 
swept out and all excess of the material also removed. The end of the 
neck is tl\en quickly sealed, the temperature and barometric pressure 
noted, the bulb allowed to cool and 
then weighed. After the weight has a 

been recorded, the bulb is immersed ^ Vy/y^ 

in air-free distilled water at the lab- v0yy^ fl JvvvvV 

oratory tcmj)eratnre, or in mercury, yyyy^ x ^ 

and the point of the neck nip])ed off. Vy0^ C VyWy' 

The weight of liquid filling the bulb y///^ ^ /Electric 

is then obtained, the weight of the air '^^0x0^ ^ /FurndLCC 

contained in the bulb when originally ^000 0 ^^00^ 

weighed being ru'gleeted, as it is small 000 ^ C y00 

in comparison Avith the w eight of the 000 00// 

The vapour densify of the sub- ////ZU \^/ ^^//// 

stance may now^ be calculated. If \ [f / 

7 tq is the weight of the ])ulb filled \ 

w'ith air, rCg the weight w'hen filled \ 

wdth the va})our, and 7^3 the weight I 

wdien filled wHli w'ater, then 71 ^ 3 - 7 e, 

-weight of w’ater filling the bulb 

(neglecting weight of air, as already 

mentioned). If the w eight is expressed 

in grammes, the number, so far as | | 

an approximate determination is eon- r»-£-. 

cerned, exj)resses also the ca})acity of Mirror —^ v 1 —^ 

the bulb in c.c. If, then, d be the - 1 Manometer 

density of the air in frrammes per c.c., 3 . 5 .-Apparatus for ])etermining 

the weight of air winch the bulb eon- Vapour Densities at VariouR Pressures, 
tained is (7c?3 - 7£q)f/, and the weight 

of the bulb itself 7^] -{w^~Wi)d, Hence the weight of the vapour 
is 7^2 - [7tq - (7(^3 - 7£q)d]. The Aveight of the A^apour and its volume 
now are knoAAUi, and the density can be deduced. 

A more accurate development of Dumas’ method permits of the 
determination of vapour densities at various jAressures according to the 
amount of substance initially taken. The aj)))aratus consists of a glass 
(or quartz) vajiorisation bulb, B, of knoAvn capacity, fused into wdiich 
is a flattened S])iral tube, S (fig. 35), AAdiich ends in a quartz thread 
carrying a small mirror. Increase of the internal pressure causes the 
spiral to distend, and this can be countered by raising the external 
pressure through the tube C. The internal pressure can clearly be 
determined by adjusting the external pressure, the deflections being 
observed by means of the small mirror. After the introduction of the 
material, the bulb is evacuated and sealed at A, and a thermocouple 


Fio, 35. — Appc'iratus for ]>ctcrminirig 
Vapour Densities at VarioiiR Pressures. 


inserted into the tubulure T gives the temperature. Upon raising the 
temperature the pressure observed is that due to the vaporised material. 

Hofmann’s Method (1868).—In this method a known weight of 
the substance is volatilised in the space above the mercury in a calibrated 
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barometer column, jacketed with a vapour tube at some constant 
temperature. The amount of the substance required is small and is 
passed to the surface of the mercury column in a small glass-stoppered 
tube, in such quantity as to leave no portion unvolatilised. Fig. 36 
shows the form of apparatus used by Young (1895). By means of this 
api^aratus a series of readings can be made at different temperatures 



Fio. 36.—Young’s Modification of Hof- Fjo. 37.—Victor Meyer’s Vapour 

manii’s Vapour Density Apparatus. Density Apparatus. 

by varying the pressure on the vaj)our contained in the jacket, and by 
connecting the closed mercury reservoir to a second pump the pressure 
on the vaporised substance in the barometer tube can likewise be 
altered at will. 

In any ease, the material is volatilised at a pressure less than 
atmospheric, and, in consequence of the lower temperature, substances 
which undergo decomposition when heated at atmospheric pressure can 
be investigated by this method. If the barometric pressure is P mm., 
and the height of the mercury column (corrected for temperature) h mm., 
then the pressure at which the vapour exists is P - A mm. The volume 
is read on the calibrated barometer tube. 

The process requires much smaller quantities of material than that of 
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Dumas, but cannot be used at temperatures over 250° C. owing to the 
vapour tension of mercury then becoming considerable. Above 100° C. 
a correction for the mercury vapour present should be made. 

Victor Meyer’s Method. —The method most widely used in 
modern investigations is that due to Victor Meyer (1878), which is not 
only very convenient in manipulation, but also offers a wide range 
of temperature. The apparatus (fig. 87) consists essentially of the 
vaporisation tube A, (‘losed at the top by a stop])er, and terminating 
in a cylindri(‘al bulb at the lower end. Outside the heating jacket B, 
a side tube C is attached to A, connecting it with a gas burette or 
eudiometer tube. A glass rod, fitted through a side tube in the head 
of the a})paratus, serves as a support for the small capsule, glass bulb 
or stoppered bottle containing a weight of the substance sufficient to give 
20 to 80 c.c, of va])our. Constant tem])craturc is maintained in the 
cylindrical bulb liy the vapour of a suitable liquid boiled in B, and 
w^h(?n on(;e obtained, as shown by a constant reading in the gas burette, 
the glass rod at D is drawn back and the vessel containing the substance 
allowed to fall on to a ])ad of sand or asbestos at the bottom of the 
bulb. Rapid vaporisation occurs, and, owing to the length of the bulb 
and narrowness of the tube, air is expelled instead of vapour through C, 
this being collected and measured at the temperature of the gas burette, 
the pressure being the barometric, corrected for the vapour tension of 
the water in the collecting tube. The temperature is ascertained by 
suspending a thermometer in contact with the gas-collecting apparatus 
or in the water jack(‘t with w^iich it is best to surround the measuring 
a])paratus to preserve constancy of temperature. 

If w is the weight in grammes of substance vaporised, v the volume 
in c.c, of gas observed, p the barometric pressure in mm., / the vapour 
tension of water at V. (the temj)erature of the experiment), the 
vapour density relative to In^drogen and oxygen is given by the following 
expressions : 


(«) Relative to hydrogen, 


wx (278+0x760 
V X (]} -/) ~x 278 X O-OOOOSOO 


(b) Relative to oxygen, 


re X (278+0 x760 
vx(p -/) X 273 x'()-00U29* 


These formuhe hold when the air initially j^rcsent in the a]qiaratus 
is dry. If, how'cver, tlie juessurc of aqueous vapour in the initial air 
was X per cent, of the pressure of saturated aqueous vapour at the 

factor (p -/) should be replaced by (^p - 

It is necessary that vaporisation of the substance shall occur at a 
rapid rate, otherwise the vapour will, by slow diffusion, find its way up 
the vaporisation tube, be carried forward with the air expelled, and 
condense when cooled, thus reducing the volume of air which ought to 
be obtained in the burette. To obtain rapid vaporisation, the bulb 
should be maintained at a temperature not less than 30° C. above the 
boiling point of the substance. Thus, if steam is the heating medium 
in the jacket, a successful determination could be easily carried out 
with carbon disulphide (B.pt. 46^ C.), but probably not wuth ethyl 
alcohol (B.pt. 78-5° C.). 

A very convenient and accurate method of determining the density 
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of a saturated vapour consists in introducing into A (fig. 38) a known 
mass of the volatile liquid, and into B a somewhat larger quantity of 
the same liquid, both vessels having previously been evacuated. The 
mercury level in A is slightly above that in B, since B contains a greater 
de})th of liquid. On warming, so long as any liquid remains in A, the 
difference of level in the two vessels remains constant. The moment 


all the liquid in A has evaporated, however, the mercury level within it 
begins to rise; the temperature is taken at this 

© point, for at this tcm})erature the known mass of 
saturated vapour fills A to the mercury level. 

Determination of Vapour Density at High 
Temperatures. —Both the Dumas and the V. 
Meyer methods may be used at high temperatures. 
In the former, ]K)reclain may be sul)stituted for 
glass, and for the latter, which is tlie more useful 
method, modifications arc d(‘scribed below. 

^ constant tcm])eratures can be 
maintained by a vapour bath, for which pur])osc 
aniline (B.pt. 18diphenylamine (B.])t. 310'^ 
j C.), sulphur (B.pt. C.), ]du)s])horus penta- 

^ , sulphide (B.pt. 518° (\) and stannous chloride 

<506° C.) arc all available. For still higher 
a Saturated Vapour, temperatures an electric* furnace may advantage¬ 
ously be employed. Uj) to alxnit 1700° C. a 
porcelain vaporisation tube is useful, but at this temperature it begins 
to soften and must be protected by a platinum covering. For higher 
temperatures an iridium Imlb is used, coated inside and outside with 
a glaze of fused magnesia and magjiesiurn chloride to render it imper¬ 
vious to gases. 


Air cannot be used to fill the apparatus in any case where the sub¬ 
stance readily undergoes oxidation, and, as a rule, is not used at high 
temperatures. Nitrogen or hydrogen is gencrallv employed, and some¬ 
times argon. 


Since in Meyer’s method the gas expelled is measured at the ordinary 
temperature, the temperature of evaporation need not be ascertained. 
But as many substances change their molecular state, and hence their 
density, as the temperature changes, it is obviously of interest to record 
the temperature. For low temperatures this is an easy matter. For 
very high temperatures photometric methods may be used. These 
consist in comparing the light emitted by the heated bulb with that 
from a standard source of light. 


Molecular State of Gases and VArouRs. 

Having ascertained the density of a gas or vapour relatively to 
oxygen by any of the })receding methods, the molecular weight is 
calculated with the aid of equation (1) (p. 116). The value obtained 
does not always coincide with the simplest possible formula ; sometimes 
it is greater, as in the case of .the majority of the non-metallic elements, 
but sometimes it is less, as in the case of certain compounds which 
undergo dissociation when vaporised. 

The state of aggregation is not dependent upon the temperature 
only; it is affected also by the pressure. For this reason the results 
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obtained by the methods of Dumas and Victor Meyer with the same 
sul)stanee at the same temperatures arc not necessarily identical. 
Aluminium chloride furnishes us with an excellent example of this. 
The results obtained at atmospheric pressure and varying temperatures 
by Dumas' method are shown by crosses in fig. 39, air being taken as 
the standard. The asterisks in the same figure represent the values 
obtained by the method of Victor Meyer, in w'hieh the aluminium 
chloride is vaporis(‘d in an inert gas, so that its mean partial pressure 
is considerably less than 1 atmosphere, but has no definite value 
throughout a series of experiments. From 200 ° to 400° C. the density, 
as obtained by Dumas’ method, indicates a molecular formula of 


K 

Theory Tor Mi Cl AS 2) 

K 

K 

« 

* 

^ Theory For At Cli(4‘S) 








200 " 400 " 600* eoo' mo" I200*c 

Temperature 

Fiu. .‘{9.—Vapour Density of Aluminium Chloride. 


Algde- Above 400° C. dissociation takes place, becoming increasingly 
])ronouneed with rise of temperature, until it reaches completion in 
Victor Meyer’s apjiaratus at about 800° C'., the molecules of ^ al)our 
then corresponding to AICI 3 (p. 131). It is advisable, therefore, w^hen 
stating vapour density data, to mention also the conditions under 
which those data have been obtained. 

The inert gases of Group 0 arc, as we have already seen, monatomic 
in the gaseous state. In addition to these, many metals arc definitely 
recognised as monatomic in the vapour state. This is the case with 
the following metals at the temperatures stated : Sodium (700° C.), 
mercury (900° C.), thallium (1300° C.), zinc (1400° C.), lead (1600° C.), 
cadmium (1700° C.), bismuth (2040° C.) and antimony (2070° C.). At 
lower temperatures both bismuth and antimony associate to form larger 
molecules. 

Vapour density determinations of the alkali metals are difficult to 
arrange on account of the corroding action of the vapours on the con¬ 
taining vessel. By volatilising sodium in argon, however, Rodebush 
(1980) successfully determined its vapour density. The apparatus 
used is shown in fig. 40. A and B are nickel tubes fixed horizontally 
in the electric furnace* F, the temperature being registeied by the 
thermocouple T. Argon was admitt(*d tlirough the open end of B, 
passed over sodium in the nickel boat C and, when saturated with the 
sodium vapour, escaped through the small perforation O. The sodium 
deposited on the cooler portions of A was estimated by titration. The 
vapour density of the sodium was calculated from the equation 

VOL. I. 9 
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P^n n 

where M is the molecular weight of the sodium, P and Pg the total 
pressure of the system and the partial pressure of the sodium respec¬ 
tively, xVg the mass in grammes of sodium vapour which saturated 
n granmic-moleeules of argon. The results indicated very slight 
association at 570° and 706° C., the molecular weights being 25*1 and 
24*1 respectively, suggesting the existence of a few Nag molecules, the 



Fig. 40.—Rodcbiish’s Apparatiw for Vapour l)(‘nsity <)f Sodium. 


value at 570° C. being in fair agreement with the value calculated from 
spectroscopic data (see V'oL II). 

In general, the non-metals (other than the inert gases) and the 
metalloids are polyatomic in the vapour state. Thus oxygen, nitrogen 
and the halogens are diatomic. The halogens, particularly iodine and, 
to a less extent, bromine, tend to dissociate into atoms at high tem¬ 
peratures, thus illustrating the rule that molecules of high molecular 
weight are more readily decomposed than those of low weight. 
Phosphorus and arsenic are tetratomie, both more or less dissociating 
at high temperatures, arsenic becoming diatomic at 1700° C., and 
phosphorus partially so. The maximum known molecular complexity 
occurs with suljdiur and selenium, as the following data indicate : 



Temperaturt', 

C. 

Probable 
Composition 
of Vapour. 

( 

445 

Sg mainly 

Sulphur 

900 

Sg 

1 

2000 

Sg+S 

f 

<900 

Scg + Scg 

Selenium . . i 

c, 900 

Scg 

\ 

>900 

Scg + Sc 


Tellurium is diatomic in the vapour state. 

Many non-metallic compounds are associated in the vapour state ; 
thus, at 30° C. hydrogen fluoride is HjFg. In the solid state nitrogen 
dioxide exists as the tetroxide, N 2 O 4 ; the liquid contains some NOg 
molecules, the number of which rises with the temperature, until the 
vapour, at 140° C.^ consists entirely of dioxide molecules. Other 
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familiar cases arc phosphorous oxide, P 40 e ; phosphoric oxide, P 4 O 10 at 
1400° C. ; arscnious oxide, AS 4 OQ below 800° C. ; and antimonious 
oxide, Sb 40 g at 1560° C. 

At relatively low torn])eratures the vapour densities of many 
metallic halides indicate association to double molecules which is, in 
some cases, complete, and in others only partial. Rise of temperature 
invariably results in dissociation to simpler molecMiles. A few of the 
best known examples arc given in the following table : 


Halide. 

Simplest 

Formula. 

Method. 

Temp., 

C. 

Apparent 
Degree 
of Asso¬ 
ciation. 

Probable Com¬ 
position of 
Vai)Our. 

(Juprous chloride . 

VuCl 

V. Meyer 

1650 

1-0 

OUaCl, 

Hervllium chloride 

BeCL 

jV. Meyer 

1 „■ 

500 

1500 

20 

14) 

lieCl, 



1 Dumas 

440 

24) 

AljCl, 

Aluminium chloride 

A\(% 

V. Mever 

440 

16 

Al,d,. + AlCla 



1 „■ 

1100 

04) 

A 1 CJ 3 

(iallium chloride . 


Dumas 

280 

2 0 

Oa 2 C 'Ijj 

Aluminium bromide 

AlBra 


444 

20 

Al,Br, 

Aluminium iodide 

AII 3 


444 

2 0 

ai,l 

Stannous chloride' 

Slid, 

IV. Mever 

i ./ 

600 

1110 

1-3 

14) 

Slid, 4 

SnCl, 

(hromie chloride . 

CvCl, 

IV. Mever 

1 

1065 

1375 

M 

0-8 1 

CrCla + Oado 

Crda + CrCI, 

Chromous (diloride 


V. Meyer 

1550 

1-5 




(V. Mever 

Vellovv 

1*5 

FcaCh-l Fed, 

Ferrous chloride . 

Fe(M, 

f 

heat 





\ 

1350 

14) 

Fed, 



rDumas 

440 

24) 

Fe,Clo 

Ferric chloride 

FeCn^ 

W Mever 

750 

14) 

P’eC.'h (with traces 



1 ■ 

i 


of Fe(Jl,) 


The folloAving chlorides present points of special interest : 

Mercurous Chloride. -Early determinations of the vapour 
density of mercurous chloride agreed with that re<juired for the simple 
formula llgCl ; but in 1850 Odling showed that if a piece of gold leaf 
were suspended in the vapour it became amalgamated, showing that 
free mercury was present. It was evident, therefore, that dissociation 
had taken })laec, presumably in accordance with the scheme 

Hg^Cl, —llga+IIg 

since a residue of mercuric chloride was left. This was c*onhrmed by 
Baker in 1000, who found that the vapour density of thoroughly dry 
mercurous eliloride corresponded ap})roxiinatcly to that re(|uii*cd for 
the double formula HggC^, and that no amalgamation of gold leaf took 
place. With the moist vapour, how^'ver, the earlier observations were 
confirmed. 

Chlorides of Indium. —These arc of historical interest. Vaj>our 
density determinations by Victor Meyer’s method showed that three 
such chlorides could exist in the vapour state, namely InCl, InClg and 
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InClg (Nilson and Pettersson, 1888). This was the first ease to be 
proved definitely in which an element eould manifest three grades of 
valency. The result was of special value at the time since it clinched 
the argument, alreadj^ supj}orted by specific heat lueasurenieiits (p. 222 ), 
that indium should bo classed in the Periodic Table in Group 111 along 
with aluminium, and not in Group II along with zinc*, witli which it 
occurs associated in Nature and which in many M^ays it resembles. 

Zirconium Tetrachloride.—The valency of zirconium was for 
many years a vexed problem. Berzelius isolated the nu'tal and studied 
many of its comj)ounds in a series of rcs(‘archcs between 1824 and 188.5, 
determining its combining weight as 22*87. He first formulated its 
oxide as ZrOg, but later altered this to Zi^Og, thus making it analogous 
to AI 2 O 3 . Gmelin wrote ZrO, thus comparing zirconia with MgO and 
BcO. In 1857, however, the vapour density of the chloride was 
determined at the boiliTig point of sulphur by Dcvillc and Troost, 
using Uuinas’ method, and found to be approximately 8*10 (air = l); 
its molecular weight was therefore 8*10x28*88 or 280. There were 
thus 4 Cl-atonis in the molecule, and the formula for the chloride might 
thus be Zr 2 Cl 4 , analogous to Fe 2 Cl 4 , or ZrCl^, analogous to SnCl 4 , but 
certainly not ZrCLj. The zirconium was assumed to be tetravalent, 
and the assumption was confirmed in subseciuent years by the applica¬ 
tion of Dulong and Petit's Law (p. 222 ) and Mitscherlich’s Law of 
Isomorphism (p. 198). 



CHAPTER IX. 


CHANGE OF STATE FROM SOLID TO LIQUID. 

The familiar phenomenon of the })assage of a crystalline substance from 
the solid to the liquid state occurs at a definite temperature known as 
the melting })oint. More accurately defined the normal melting 
point is the temperature at which the solid and liquid ]?hases can exist 
in equilibrium in dry air under a given pressure—usually the pressure 
of the atmosphere. 

It is generally assumed that, Avhen a substance melts, the amplitude 
of vibration of the molecules around their positions of rest is ap])roxi- 
mately ccjjual to the mean distance between them, so that the resulting 
collisions destroy the crystalline form. Looked at from another point 
of view, the melting ])oint may he regarded as the t(‘m])erature at 
which the ])robability of attachment of a molecule to the crystal surface 
is equal to the ])robability of its detachment (Garner, 1931). 

Most crystalline substances melt sharply, and if the liquid ])hase has 
the same composition as th(‘ solid, and will rc-solidify without change 
of temperature or composition, the melting j)oint is termed the true 
or congruent melting point. Examples arc ice and calcium chloride 
hexahydrate, GaClg^^UgO, which melt at O'’ C. and 30-2'’ C. respectively. 

Some crystalline substances melt shar])ly at a definite temperature, 
but the liquid })hasc has not the same composition as the solid. Sodium 
sulphate decahydrate, Na 2 SO 4 . 10 H 2 O, is a ease in point. At 32*1<'’ 
partial fusion takes place, but whilst the liquid obtained is a saturated 
solution of the salt in water, the solid ])hase consists of anhydrous 
sodium sulphate admixed with more or less decahydrate. AUhough 
the vaj)our pressure and temperature remain constant, this is not a 
true melting point; it is really a transition point (p. 179), and is fre¬ 
quently termed an incongruent melting point. 

Determination of the Melting Point. —\"arious ])roeesses are 
available for the determination of melting points. The first which may 
be mentioned depends on finding the freezing point of the liquid, for 
when certain precautions are taken, the freezing point and melting 
point arc identical. The precautions are due to the fact that when a 
liquid is slowly cooled without agitation, or even, in some cases, when 
slowly and regularly stirred, the temperature falls below the melting 
point, or normal freezing point, and the liquid becomes supercooled. 
This supercooled condition can be removed by the addition of a trac^e 
of the solid phase (a minute amount of ice if the liquid is water) or by 
the production of the solid phase by agitating the liquid. Both these 
methods are followed in practice, the latter the more frequently. When 
crystals once appear in the liquid, freezing rapidly takes place, and the 
temperature, provided the degree of supercooling was only small, rises 
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rapidly to the equilibrium temperature of the solid-liquid mixture, that 
is, to tlie melting point. The Beckmann apparatus is very suitable for 
the purpose of the determination (see p. 405). 

Another aeeurate j3roeess consists in surrounding the bulb of a 
thermometer with the linely divided material in a wide tube and raising 
the temperature slowly l^y means of a batli maintained at a point only 
slightly higher than the contents of the tube, until melting has begun. 
The mixture of liquid and solid is then stirred thoroughly, though not 
rapidly, the constant tem])erature registered being the melting point. 

For substances of high melting point, such as metals, a variety of 
methods has been adopted : 

1 . The substance is heated to its ))oint of fusion in a crucible or 

porcelain tube, a current of hydrogen or of some inert gas being 
j)assed over the surface of the metal, and the temperature noted 
by inserting the protected ends of a thermocouple. 

2 . The substance is inserted in the form of a wire into the thermo¬ 

element, and its temperature raised until fusion occurs and 
breaks the circuit. 

8 . The metal wire forms j>art of a circuit and is heated up in a 
porcelain tube together with the bulb of an air thermometer, the 
temperature being noted when fusion breaks the electric circuit. 

Standardisation of Thermometers.—For this purpose it is usual 
to choose as fixed ])oints the mt‘lting tem})eratures of certain nutals 
wdiich can readily be obtained in a very pure conditior), and which give 
sharp melting points whi(‘h are easily re}>ro(hicible. There is a further 
advantage in using metals for this purpose, namely, that owing to their 
high thermal conductivity there is less danger of local overheating, 
which would lead to conflicting results. The following metals are 
frequently used for high temperature work : 

M.pt. 

Lead ...... 827-8 

Zinc.410-4 „ 

Aluminium ..... 058-7 ,, 

Gold. 1002-0 „ 

Palladium ..... 1551-5 ,, 

Inhere arc occasions, however, when it is incoiivcnient or even 
impossible to use metals directly for calibrating a thermometer in its 
everyday working condition. For low temperature work, mercury is 
the only suitable metal available, and w^e have to fall back upon such 
relatively poor eondiietors of heat as wopentane and carbon disulphide. 
For higher temperatures the transition or melting points of salts may 
be used. As we shall presently see, it is essential that the salts should 
be free from all traces of impurity, and in view^ of their low conductivity 
for heat, care must be taken to avoid local overheating. 

The zero point on the centigrade scale is, of course, the melting 
point of ice under atmospheric pressure. For very accurate work the 
ice should be prepared from de-aerated water in vacuo, as dissolved 
gases affect, its melting point. The following points have been deter¬ 
mined with great accuracy, and may be used for calibration purposes. 
Togetl|er with the five melting points given above, they are an attempt 
to reproduce the thermodynamic temperature scale which, as explained 
in Vol. II, is closely similar to the gas scale. 
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Substance. 

Formula. 

l*hi!nomonon. 

Temperature, 

"C. 

/.vopentane 


Freezing 

- 1590 

Carbon disulphide 

rs. 


- 1110 

Tf)lucne 



- 95 1 

diloroforni 



- 035 

Mercury 

ir« 


- ;iH*87 

IC'K .... 

140 

Melting 

oooo 

Henzone 



5-493 

Acetic acid 

(' 1 I 3 C 0011 

?? 

1000 

Accto] 3 henone 

(H3COC'eIl5 

>> 

19 055 

Sodiu?n sulphate' (h'ca- 
hydratc . 

XaaSO^.lOirgO 

Transition 

82 8H4 

Bcn/oplicnone 

(\,n,(0(,ii5 

M(‘lting 

•1.7*85 

Na])hthalcne 

^ loUg 

4. 

80*22 

Benzoic acid 

( bUbIOoh 

♦ j 

122*45 

Phthalic anhydride 

('eli4(CO)2() 

.4 

1.81 00 

Anthracene . 

c«n 4 ((’ir) 2 ('sir 4 


210*05 

Anthra(piinonc . 



1 284*84 

Potassium dichromate . 



897*5 

Potassium sul]finite 

Iv 2 SC )4 

4'ransition 

588 

Potassium chloride 

KO 

Melting 

770*8 

Sodium chloride . 

Xat;i 

» > 

800*4 

Sodium sul])hate 

XiigSO^ 

44 

884*7 

Potassium suljihatc 

K 2 S 04 


1009*1 


Structure of Liquids. - It is generally assumed that liejuids possess 
little or no definite structure at tein]>craturcs somewhat removed from 
their freezing points. The molecules are regarded as free to move in 
every direction, so that any particular arrangement obtaining at a 
given moment would not be likely to persist for long. There is a good 
deal of evidence, however, both direct and indirect, in favour of the 
view that, at temperatures slightly above the melting })oint, fragments 
of the solid structure or lattice persist in the liquid, and only disappear 
as the temperature rises (p. 248). Water affords an interesting 
example of indirect evidence for this. The irregularities in the specific 
heat and density of water at various temperatures, and particularly the 
contraction observed w^hen w'ater is warmed from 0® to 4® C., has led 
to the view that water is a ternary mixture containing molecules of 
“ ice,” molecules of “ water ” and molecules of “ steam *’ in equilibrium. 
Thus ; 

{H20)3 ^ H3O 

Trihydrol or Dihydrol or Monohydrol^ 

** ice ” molecule. “ water ” or “ steam ” 

molecule. molecule. 

The “ ice ” molecules arc presumed to have a more complex structure. 






136 


PHYSICAL CHEMISTRY. 


but to be less dense, than the “ water ” molecules. Hence, when water 
at 0° C. is warmed, the equilibrium at 0° is dis]>laeed in the direction 
left to right, some “ ice ” molecules melting to the more dense “ water ” 
molecules. The contraction thereby at first resulting more than 
counteracts the normal thermal expansion of the liquid with rise of 
temperature, so that the density of the liquid increases to a maximum 
at approximately 4® C., and then continuously falls with further rise 
of temperature as the bulk)^ “ steam ” molecules increase in number. 

The various so-called liquid crystals are of great interest in this 
connection as affording more direct evidence of structure in the liquid 
state. When, for example, p-azoxyanisol. 



is warmed, it melts sliar})ly at 118*3® C. yielding a turbid, doubly re¬ 
fracting liquid, which gives interference colours when examined by 
polarised light. At 135*9® C. the liquid turns clear, and ceases to be 
doubly refracting. On cooling this clear liquid turbidity is assumed 
again at 135*9® C. and solidification occurs at 118*3® C., supercooling 
of course being excluded. The turbid licpiid appears to be ))erfcctly 
homogeneous, and no separation of a second phase, whether liquid or 
solid, has ever been effected, so that the probability of its being a 
suspension or an emidsion appears to be ruled out. 1'hc molecular 
weight, as determined from the surface tension (p. 208), is the same 
for the turbid as for the clear liquid. X-ray analysis of the turbid 
liquid has, however, yielded faint indications of structure, indicating 
that the turbid liquid is an intermediate stage between the true crystal 
and the true liquid. 

C’holcsteryl vitrobenzoate. 



melts to a turbid liquid at 137® C. and becomes clear at 170® C. On 
cooling, a beautiful play of colours is observed™ violet, green, red and 
orange (Doree and Orange, 1916). 

Volume Changes on Melting. —When a sut)stance melts at 
constant temperature it invariably undergoes a change in volume. 
Usually expansion occurs, but sometimes contraction. The change in 
volume may be calculated if the densities of the solid and liquid phases 
at the melting point are known. Let us take water as a familiar 
example : 

Mean density of ice at 0® C.. . . 0*9168 gramme per c.c., 

.*. Volume of 1 gramme of ice . , 1 *09075 c.c. 

Density of water at 0® C. . . . 0*999868 gramme per c.c., 

Volume of 1 gramme of water . 1*00013 c.c. 

Contraction of 1 gramme of ice on melting =0*09062 c.c. 


Percentage volume change of ice on melting = 


0*09062 X 100 
1*09075 


- -8*81. 


Volume change is sometimes determined by direct measurement. 
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The method employed by Endo (1923) consisted in suspending a 
silica crucible, C, from one arm of a silica beam, AB, whose coefficient 
of expansion with rise of temperature is negligibly small (sec fig. 41). 



Fio. 41.—Endo’s Apparatus for Mcasurinjj; Volume Chanj^e on Melting. 


The solid to be tested is placed in C’, which hangs in a suitable liquid 
medium in the vessel 1), the temperature of which can be raised 
el(‘etrically. From B a weak sj)iral hangs, with its lower end fixed to 
tiic bottom of a Dewar llask containing (*otton-seed oil. This serves 
as a danqiing arrangement. Small deileetions of the l)cam AB are 



indicated by the mirror M, which is observed through a telescope, using 
an arbitrary scale, so that the apparatus lends itself to accurate 
adjustment. The scale pans and are utilised in the preliminary 
rough adjustment, and in calibrating the arbitrary scale. The solid in 
C is raised to a temperature within a few degrees of its melting point, 
after which, as the temperature rises, the deflection of the beam is 
continuously observed. As shown by AB in fig. 42, which indicates 
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the results obtained when pure tin was heated in C, the relation 
between the deflection and the temperature is linear. When the metal 
begins to melt, its v olume rapidly expands, its buoyancy ineri?as(‘s, and 
the deneetion of the scale is })roportionately affected. After the metal 
has completely fused, tlie beam undergoes steady deflection CD with 
rise of temperature, as before. The actual change in volume of the 
metal can easily be calculated provided we know the density of the 
liquid medium at the melting point of the metal and the mean eoeflieient 
of ex})ansion of the metal with rise of temperature. 

If 8r^„ is the change in volume of the metal during melting, and 
p the density of the liquid medium at the melting point of the metal, 
it is obvious that 

psrm 

where 8m is the ap])arent change in mass caused by the increased 
buoyancy of the metal upon expansion duririg melting. 

Heiure, if is thc‘ volume at the melting point, the juTcentage 
change in volume is given by 

100^, 1008w 

^ m in 


The volume can be deduced from the volume V at the room 
temperature, f C,, by the equation 




where a is the mean eoeflici('nt of cubical expansion of the metal. 

The volume change may also be obtained by c‘aleulatioi\ with the 
aid of the ( lausius-C’lapeyron equation (p. 78). This equation may 
bo written in the form 


V, ~ T 


r 

1 



dT 

dP' 


dT 

The latent heat of fusion, /, of ice is 79*7 calories, whilst is - 0-0075° C. 

dP 

per atmosphere ; that is to say, by ineiTasing the pressure on ice by 
1 atmosphere the melting point is lowered by 0-0075° C. Converting 
these into the proper units we have 


79-7 X 419 X 10" 0-0075 

273" ^ 1,013,21.6 

= 0-09054 o.c. 


The increase in specific volume upon melting, that is, the increase 
in volume per gramme, or 8F/?x’, where zc is the number of grammes 
of metal taken, is given by 

SX^SF 

Fd 

where d is the density of the solid at its melting point. 

A few results obtained by various methods are given in the following 
table: 
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Percentage Changes in Volume on Melting. 


8 ubatancc. 

Meriting 

Point, 

U. 

v„ • 

SubHtancc. 

Melting 

Point, 

"C. 

K " 

Sodium 

07*5 

2 53 

Gallium 

29*8 

- 1*812 

Co])})er 

1083 0 

4*05 

Bismuth 

271*0 

3*32 

Magnesium 

651*0 

4*20 




Zinc . 

419*4 

0*5 

Ice 

0*0 

- 8*31 

Tin . 

231 *85 

2*80 

Formic acid 

8*3 

2*00 

Lead . 

327*3 

3*44 

Acetic a(‘id 

10*7 

20*1 

Silver 

06()*5 1 

5*00 

Benzene 

5*4 

13*07 

Gold . 

1002*6 1 

5*17 

Naphthalene 

80*0 

19*4 


The great majority of solids expand on melting, and with many 
organic siibstaneos, such as acetic acid and na])hthalene, the expansion 
is very considerable. As we have already seen ice is exceptional, since 
it (‘ontracts by per cent, on melting. The r(;verse change, namely 
the expansion of water on freezing, is of great im])ortance in Nature, 
being one of the main factors concerned in the disintegration of rocks 
and the pulverising of the soil in agriculture, to say nothing of domestic 
misfortunes to water ])ipcs during winter. Most of the metals expand 
on melting. This is so for copper, silver and gold. Were it otherwise, 
and the liquid metals expanded like water on solidilieation, they would 
readily yield sharp castings. Gallium and bismuth are exceptional in 
that they contract on melting. 

Influence of Size of Particle. —Undoubtedly the size of the solid 
particles or, what is substantially the same, the specitie surface of the 
solid, exerts an inllucnce on the melting temperature. The greater the 
S])ecific surface, the lower the melting [)oint. The actual mathematical 
connection between the two factors, how(*ver, ai)pears to be involved, 
and not readily expressible in a sim})lc formula. 

Influence of Pressure. - If a solid exj)ands on melting, an increase 
of ])ressure will render the change more dilhcult; in other words, a 
higher temperature is necessary, so that the melting point is raised. 
This is a logical consequence of Ghatelier’s theorem (p. 23). On 
the other hand, w^hen a solid contracts on melting, an increase in the 
})ressurc will facilitate the change, the melting point being low^ered. 
This is the case with ice. 

That such ought to be the case was first realised by James Thomson, 
wdio, in 1849, showed that from theoretical considerations a connection 
must exist between the melting point of a solid and the pressure. The 
following year this was experimentally demonstrated by his brother 
W. Thomson (Lord Kelvin), who found that under a pressure of 8*1 
atmospheres the melting point of ice w^as lowered by 0*059° C., 
equivalent to a fall of 0*0073° per atmosphere. The more accurate 
determinations of Tammann are given below, the third column giving 
the results calculated in terms of atmospheres. 
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Depression of the Melting Point of Ice under Pressure. 

(Tammann, 1899.) 


Melting Point, 

"C. 

Pressure in 
Kilograms per 
sq. cm. 

Pressure in 
Atmospheres. 

Depression in 
Melting Point per 
Atmosphere. 

0 

1 

0-908 


- 2-5 

336 

325 

0-0077 

- 5 

015 

595 

0-0084 

-10 

1155 

1118 

0-0089 

-15 

1625 

1573 

0()095 

-20 

2042 

1977 

0-0100 


As examples of the elevation of the meltio<» point with increase of 
pressure, the following may be cited (Pusliin, 1921) : 


p-Nitrotoluene. 


Pressure, kilograms per cm.- . 

1 

900 

2080 

3110 

Melting point, C. . 

51 5 

75 

100 

125 


m -Dinitrobenzene. 


Pressure, kilograms per cm.‘^ 

1 

1000 

2000 

Melting point, "C. .... 

89-8 

114-8 

1 

138 


In these cases the effect of the pressure is more pronoimced than with 
water. 

By means of the Clausius-Clapeyron equation {}). 78) wc can 
calculate the effect of pressure uj)on the melting point of a substance, 
provided we know the latent heat of fusion, /, and the change of volume 
involved in the melting. Let us consider ice, for exanqde. We may 
write the Clausius-Clapeyron equation as 

dP I 

dT~T{V^-\\) 

where I is the latent heat, and F 2 ~ gives the volume change per 
gramme of ice on melting. Taking I as 79*7 gramme-calories, or 
79’7 x4*19 X 10’ ergs, and F 2 ~ -0*0906 c.e., we have 

dP 79*7 X 4*19 X 10’ , 

79-7 X 4-19 X10’ 

= - MiW x ^O^ atmospheres 
sw -188’8 atmospheres; 
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that is, in order to lower the melting point of ice by 1® C. a pressure 
of 138*3 atmospheres must be applied. Conversely, a pressure of 
1 atmosphere will lower the melting point by 1/133*3 or 0*0075° C. 
This value agrees sudieiently elosely with that found by Tammann, 
as given in the foregoing table. The temperature at which iee would 
melt in vacuo, therefore, is + 0*0075° C. 

The effect of j)ressure upon the melting point of glacial acetic acid 
has been studied with the aid of the apparatus shown in fig. 43, termed 



Fia. 43.—Tho Manocryometer (de Visser). 


by de Visser a manocryometer ((ireek manos, rare ; kryos, iee). On 
maintaining in a thermostat at constant temperature, the relative 
amounts of solid and licpiid acetic acid in bulb C adjust themselves to 
the pressure, which is measured by noting the mercury level in the closed 
manometer AB. On raising the temperature by a fraction of a degree, 
some of the solid melts. The expansion thus caused compresses the 
air in AB until ecpnlibrium is again restored, and the new pressure is 
noted. It will be observed that, with this apparatus, the pressure 
corresponding to any particular melting temperature is obtained 
directly, and not the temperature of melting for any given pressure. 
Ill this w'ay it was found that, for glacial acetic acid, 

dT 

"p =0*02435° C. per atmosphere, 

the calculated value being +0*0242° C. 

According to Damien (1891) the effect of pressure on the melting 
point of a substance may be calculated from the formula 

-\) ~\y 

where Iq and t are the melting points under a pressure of 1 and p 
atmospheres respectively, a and h being constants. If h is smaller 
than a. the melting point will rise to a maximum and then fall with 
further rise of jiressure. This has been experimentally realised in the 
ease of a-naphthylaminc : 

M.pt. 

At 1 atm. pressure . . . 49*750 °C. 

,, 81 ,, ,, ... 50*543 ,, 

„ 173 „ „ . . . 4.9*646 „ 

The effect of intensive desiccation on a number of substances is 
to raise their melting points. This is discussed in greater detail in 
Volume II, 

Influence of Foreign Substances. —The addition of a foreign 
body to a substance tends to affect the melting temperature of that 
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substance. This is a feature of very great importance when accurate 
data are required for calibration jmrposes. 

In order to determine the melting point of a substance which melts 
at high temperatures a thermocouple may be embedded centrally in a 
crucible containing tlie substance and the whole steadily heated in a 
furnace the temperature of which is raised by, say, 5° i\ j)cr minute. 
The temperature registered by the thermocouple is noted at definite 
intervals, and the results are plotted as a time-tcm])cratur(' curve (fig. 44.) 

If the substance uiidergoes no physical change, a continuous curve 
is obtained, the rise in temperature being proportional to the time. 



Fig. 44. —Illustrating Influence of Impurities on Melting I^oint of Sodium Sulphate 

{Roberts, 1924). 

If the substance is chemically pure, a sharp break may be looked for 
at the melting point. This in the case of pure anhydrous sodium 
sulphate is given at 884*7° C. The temperature remains constant for 
an appreciable time owing to the absorption of heat during the change 
of state. The time-temperature curve thus becomes horizontal. Wlicn 
all the salt has melted the temperature begins to rise again. The 
presence of small quantities of impurity not only alters the melting 
point, but renders it less certain by reducing its sharpness. Thus, 
addition of 0*5 per cent, of ('aS 04 raises the melting point of sodium 
sulphate by approximately 1° (\, whilst 0*3 per cent, of sodium chloride 
lowers it by about 2° C. The curve in both cases shows a deviation 
from its regular course, but the horizontal portion has lost its sharpness. 

Melting Points as Corresponding Temperatures. It was 
pointed out by Clark in 1896 that, for many substances, the following 
relationship between the (critical and melting temperatures on the 
absolute scale is approximately true : 

= constant 
==2 approx. 

This means that the melting tenq^eraturc may be ex})ressed as a fraction 
of the critical temperature, and is thus a “ corresponding ” or “ reduced ” 
temperature. The data in the following table illustrate this rule and 
also indicate the extent to which some substances depart from it: 
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Substance. 

Formula. 



TJT„. 

Nitrogen .... 

No 

12(3 

03 

2-0 

Bromine .... 

Br., 

575 

206 

2 2 

Carbon monoxide 

VO 

132 

00 

2 0 

Ammonia 

N 113 

401. 

100 

2 0 

Methane .... 

(’ll* 

177-5 

so 

2-0 

Benzene .... 

telle 

501 

278 

2-0 

Oxygen .... 

0, ! 

1 

154 

54-0 

2-8 

Water .... 

HjO 

047 

273 

2-3 

Ethane .... 

CjUg 

305 

102 

3-0 

Toluene .... 

C.H 5 C 1 I 3 

594 

170 

3-4 

Ethyl acetate . 

CiraCOOC^lls 

523 

ISO 

2-8 

Nitric oxide 

NO 

177 

112 

1-58 


It is evident that the rule is not universally true. 

Latent Heat of Fusion.—It is well known that when heat is put 
into a solid at its melting ])oint there is no rise? in temperature until 
the whole of the solid has melted. The absorbed heat has been utilised 
in ehanging the state of the solid, and the number of ealorics absorbed 
per gramme of substanee is therefore termed the latent heat of fusion 
of that substanee (Latin latere^ to be hidden), sinee its presenec can¬ 
not be dete(‘ted with a thermometer. This quantity represents the work 
done on the molecules in overcoming the forces that hold them rigidly 
together. Exactly the same quantity of heat is liberated when 1 gramme 
of the liquid at the* melting poiid freezes to solid at the same temperature. 

The latent heat of fusion per gramme of substanee, denoted by /, 
is frequently calculated with the aid of van’t Hoffs equation (p. 407): 

where 1) rcjircsents the depression of the freezing j)oint of the molten 
substance when a gramme-molecule of a second undissociated substanee 
is dissolved in 100 grammes of it, and T is the melting point on the 
absolute scale. 

A convenient and aecurate method of determining the latent heat 
of fusion experimentally is that devised by Partington (1922). The 
essential features of the apparatus are shown in fig. 45. A weighed 
quantity, m, of the solid substance is placed in A, which is surrounded 
by an outer vessel B (containing the same substanee partly in the 
molten condition and therefore at its melting point. The whole is 
surrounded by insulating material in such a manner as to protecct it 
from draughts and changes of temperature. An electric heating coil 
is placed in A, and when the whole apparatus has attained the melting 
temperature of the substanee, current is passed through the heating 
coil until the solid in A has completely melted, being subjected to 
suitable stirring to avoid local overheating. When this has taken j)lace 
the temperature begins to rise. The latent heat j>er gramme of the 
substanee, /, is readily obtained by calculation, since, as show n on p. 83, 

l^A^R0j4!*19m 








144 


PHYSICAL CHEMISTRY. 


where B is the resistance in ohms, 9 the time in seconds during which 
the current was passed, and A the current measured in amperes. This 
method is exceedingly neat and simple. No corrections for cooling 
are necessary, neither do we recpiire to know the spec’ihe heats of the 

solid and liquid substance, nor even 
its exact melting })oint. 

In the table on p. 145 are given 
the lateiit heats of fusion per gramme, 
of a number of substances, to¬ 
gether with the melting points on 
tlie absolute s(*ale, 

Trouton’s Rule (p. 88 ) has 
been applied by Walden (1908) to 
substances at the melting point. 
The value found for in the 

case of unassociated organic sub¬ 
stances approximates to 13-5. This 
is illustrated by the data in the table 
on p. 145. The value obtained with 
associated substances is lower, since 
the actual molecular weight of the 
associated molecule is greater than 
that corresponding to the simple 
formula, and too small a value has 
therefore been used in calculating 
the constant. To arrive at the true 
constant, therefore, the full moleeular weight of the associated sub¬ 
stance must be used. If this is not known the rule gives us an ap¬ 
proximate method of determining it. Thus, if M is the mole(*ular 
weight of the unassociated molecule, and J/' that of the associated one, 
it follows that 

M'_13^5_ 

M ” observed value 

a is termed the association factor and gives the degree of association 
of the substance in question. 

Thus, taking the case of w^ater as a typical example, A/, (Torres])onding 
to II 2 O, is 18. Whence 

Ml,,, 18 X 79-7 , 

^ 

273 

Dividing this into 13*5 we find a is 2*55 ; that is, on the average, 
2*55 simple molecules have united to form one large or associated 
molecule, so that the mean or average molecular weight of the water 
is not 18 but 18 x 2*55 or 46 at the melting point. This agrees, quali¬ 
tatively at any rate, wdth the conclusion arrived at from many other 
independent sources (see })p. 135, 227) that water at its melting point 
consists of a mixture of trihydrol, ( 1130 ) 3 , and dihydrol, (Il 20 ) 2 , 
molecules. 

Supercooling. —Although on steadily raising the temperature of a 
crystalline substance, such as ice or sodium sulphate deeahydrate, 
melting ultimately takes place at a definite fixed and easily reproducible 
temperature, it is not equally true to say that on cooling the liquids 



Fig. 45. —Partington’s Apparatus for 
Latent Heat of Fusion. 
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Substance. 

Formula. 

Mole¬ 

cular 

Weij^ht, 

M. 

T 

-* m* 

Im- 


Asso¬ 

ciation 

Factor, 

a. 

^>-i)ibroinobciizene 


236 

360 

20*6 

13-5 


Diciilorobenzenc 


147 

326 

29-9 

13*5 


Aniline 


93 

267 

39-9 

13-9 


/>-Xylenc . 


106 

288 

38-8 

14-3 

. . 

Naphthalene 

CioH« 

12H 

353 

34-7 

12-6 


Anthrac(*rK‘ 


178 

489 

38-7 

141 


I )iphony hnethane 


168 

300 

25-2 

]4d 

. . 

B('nz()pheuon<i . 

CJh,Vi)(\lh 

182 

321 

21*7 

12-3 


Tri phony Imothaiie 

(T1((VH5)3 

244 

365 

17-8 

11-9 


p-l’cluidine 

C«H,NH,CH3 

107 

317 

39-0 

13-2 


WatifT 

H^O 

18 

273 

79-7 

5-3 

2-55 

Garbon disuljdiide 

(^S., 

76 

163 

8-7 

41 

3-30 

JCthyl alcohol . 

(IH.OU 

46 

161 

14-1 

4-0 

3-38 

Formic acid 

HCOOH 

46 

281 

66-0 

10-8 

1-28 

Acetic acid 

CH^CJOOH 

60 

290 

43-7 

9-0 

1*50 

Acetone . 

CllnCOCHa 

58 

178 

22-4 

7-3 

1-85 

Chloroform 

CUCh 

119-5 

203 

174 

10-2 

1-32 

Jionzene . 


78 

278 

29-9 

1 

8-4 

1*60 


tlic*y will necessarily freeze or solidify at the same definite temperatures. 
If, for exaiu])le, water is cooled, separation of iee may not occur 
iiniucdiately a teni})eraturc of 0*^ C. is reached, and under suitable 
conditions it is possible to reduce the temperature many degrees below 
0 ° without freezing taking place. This was first observed by Fahrejiheit 
who, in 1724, succeeded in cooling water in cleaned tubes down to 
15° F. or “9*4° C. without solidification occurring. A coinenient 
method of effecting this consists in prc])aring a mixture of chloroform 
and olive oil in such proportions that the product has the same density 
as water. Droj)S of water suspended in this mixture may be cooled 
dowm to very low' temperatures (c*. -20° C .) without freezing. Such 
water is termed supercooled or superfused, and is stable only so 
long as the solid phase is absent. It is therefore said to be metastable. 
The water will usually solidify immediately upon exposure to air or 
dust, or on the introduction of some foreign material. Even the act 
of scratching the inside wall of the containing vessel w^ill suflicc to 
induce crystallisation. If the supercooling is carried beyond a certain 
amount, the water becomes unstable, and solidification takes jilaee 
spontaneously without the introduction of the solid ])hasc or foreign 
material. In cither case the temperature rises to 0° C. and remains 
there until solidification is complete. 

We have already seen (p. 09) that the vapour pressure of super¬ 
cooled water is alw’^ays greater than that of ice at the same temperature, 
and this explains why supercooled water is stable only so long as the 
sojid phase is absent. If a piece of ice is introduced into the same 
closed vessel, the vapour is supcrsaturatcii with regard to the icc, and 

VOL. I. 10 
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a portion condenses. But this leads to a vapour unsaturated with 
respect to the supercooled liquid, which, in consequence, vaporises to 
a corresponding amount. The condensation on the ice and vaporisation 
of the liquid continue until the whole of the latter has disappeared, 
leaving only ice and vapour. 

Supercooling is a very general phenomenon, but some substances 
show it to a more marked degree than others. Hydrogen peroxide 
is a case in point. The pure oxide, 09*93 per cent, pure anhydrous 
liquid, readily assumes a supercooled condition (Maass and Hatcher, 
1920), and may refuse to crystallise even at temperatures as low as 
“30° C., although its melting point is “1*70° C. If, however, a small 
quantity be solidified by strongly cooling, e.g, with a mixture of solid 
carbon dioxide and ether, the product can be used as a nucleus to 
induce crystallisation at temperatures just below the melting point. 
The solid then separates in prismatic crystals, and fractional (*rystal- 
lisation may be applied as an effective method of final purification. 
In the absence of the solid phase liquid gallium possesses to an extra¬ 
ordinary degree the power of remaining in a superfused state. 

In all cases the j)resence of the solid phase will prev^ent supercooling, 
just as the presence of the solid solute will prevent supersaturation in 
solutions. The question as to the minimum quantity of solid phase 
that must be introduced into a system to destroy supercooling was 
studied by Ostwald (1897), who found that 10 ’ gramme of “ salol ” 
or phenyl salicylate, HOCgH 4 COOC 6 Hr„ was sufijcient to initiate 
crystallisation in the supercooled liquid. A nucleus of an isomor[)hous 
substanee, shock, and mechanical agitation, are also able indiviclually 
to initiate crystallisation. 

In most supercooled liquids nuclei appear on standiiig, and once 
these have formed, crystallisation tends to spread. There is thus more 
chance of keeping a liejuid in the su])€;rfused condition if its bulk is 
small, as the chance of nucleus-formation will increase with the volume 
of liquid under consideration. The number of nuclei forming in a 
given time increases with the degree of superfusion, but as the* tcnqx'ra- 
ture drops still further crystallisation is hindered by the increase in 
viscosity. Sudden, intense cooling givc's what is tenned a “ gel ” or 
glassy mass of great viscosity. There is tlK'ii little tendency for nuclei 
to be formed, and the mass, though really only mctastablc, may exhibit 
great stability, men in contact with the crystalline solid. Ordinary 
glass is a good example of this. Wlien heated it sometimes tends to 
devitrify or crystallise, as every glass-blower knows, and it is then 
useless for ordinary purposes. 

Velocity of Crystallisation. —The velocity of crystallisation of 
supercooled liquids is usually determined by enclosing them in narrow’ 
glass tubes and noting the time required for CTystallisation to proceed 
over a given length. The following results were obtained with super¬ 
cooled water in a tube 1 metre in length and 0*7 cm. in diameter 
(Walton and Judd, 1914); 

Temperature, °C. . “2*00 “4*67 “6*18 “7*50 “9*07 

Velocity, cm./min. . 31*6 71*4 114*7 308 684 

The maximum velocity of crystallisation evidently lies below “9*07° C., 
but, owing to spontaneous solidification of the water, it was not found 
possible to make determinations at lower teniperatures. 
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It is interesting to note that whereas ice produced with a cooling 
temperature within one or two degrees of the melting point is usually 
(‘lear, the product obtained with stronger (*ooling is milky in appearance 
on account of the inclusion of minute bubbles of air which was previously 
in solution. 

In general it is found that the velocity of crystallisation is constant 
for any one substan(.‘e for any given degree of supercooling. It increases 
to a maximum usually some 20 to 30 degrees below the normal 
melting point, and may remain fairly constant at this maximum over a 
considerable range of temperature. Eventually the velocity of crystal¬ 
lisation falls off as the glassy, highly stable condition referred to above 
is reached. 

Foreign bodies are found to reduce the velocity of crystallisation 
at temperatures above that of the maximum velocity, and in some cases 
the reduction in velocit}^ is the same for equimoleciilar quantities of 
different foreign bodies. This suggests a method of determining mole¬ 
cular weights, and is referred to at a later stage (Vol. II). The rule, 
however, is not universal and cannot be widely applied. 

Capillary Action.—When contained in capillary tubes, water offers 
very great resistance to freezing, unless it is in conta(*t with ice. Thus 
Sorby, in 1859, found that no congelation took place, even upon shaking, 
when water was cooled to -15® C. in glass tubes of diameter 0*008 to 
0*013 ern. The temperature could even be reduee'd to -16® C. if the 
tubes were kc})t very quiet, although at -17® the water froze 
immediately. In a tube of diameter approximately 0*025 cm. the water 
froze at -13® i\ but not at -11® C. In contact with ice, however, 
water freezes readily in capillary tubes, and ice thaws as usual at 0 ® C. 
when in tubes in which water will not congeal in the absence of the solid 
phase above -16®C. 

Filter paper moistened with distilled water freezes at - 0 * 1 ° C., 
whilst a clay sphere, under similar conditions, has been found to freeze 
at -0*7® C. These observations refer to the actual freezing points 
under the conditions named, and are cpiitc apart from supercooling 
effects, which, as already shown, may be extended to jnuch lower 
temj)cratiires. 

The presence of finely divided particles of solid materials, such as 
ferric hydroxide, alumina, etc*., causes an api)reciablc depression of the 
freezing point. This is, of course, quite distinct from the depression 
of the freezing point caused by soluble substances, which is studied in 
Chapter XIX. 

The low temperature required to freeze capillary water has suggested 
a method of distinguishing between combined and capillary water in 
hydrated precipitates, such as ferric hydroxide (Foote and Saxton, 
1916). The hydroxide is cooled to a low temperature and the quantity 
of water physically attached to it is calculated by observing dilato- 
inctrically the change in volume undergone in consequence of the 
expansion of this water in forming ice. Subtraction of this from the 
total amount of water, as determined by heating to redness and weigh¬ 
ing the anhydrous ferric oxide, gives a maximum value for the amount 
of water chemically combined. In this way it is found that ferric 
hydroxide contains 

(a) Water, ,very loosely attached, which freezes out at about - 5® C. 

(b) Capillary water, intimately associated with the precipitate, 
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requiring a temperature of the order of -30"^ C. to effect its 
complete removal by freezing. 

(c) Water which is presumed to be chemically combined, and which 
docs not in amount exceed that required for the formula 
Fc203 .4-25H20. This is obviously the maocirmun possible 
quantity of combined water, for there is no guarantee that all 
the capillary water has been accounted for. 



Melting Points of the Elements.— The melting points of the 
elements, generally under atmospheric pressure, are given in the table 
on p. 92. In fig. 46 the melting points arc plotted against the atomic 
numbers, and an interesting periodicity is readily discernible. The 




Mefting Point, 
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inert gases of Group 0 of the Periodic Table occupy the troughs of the 
curves. The ascending slopes contain the alkali and alkaline earth 
metals; the descending slo])cs contain the non-metals of the Fifth, 
Sixth and Seventh Groups and the metals of Group VIII; whilst 
Groups IV and VI occupy the summits. 

There are also interesting connections observable between the 
melting points of the elements and their atomic volumes (p. 157). 
Reference to fig. 52 shows that the easily fusible and volatile elements 
occupy the crests or upper portions of the slopes of the curves, whilst 
the more difficultly fusible elements occupy the troughs and lower 
portions of the slo])es. 

Considering now the elements in vertical groups of the Periodic 
Table, it will be observed that the melting points, like the boiling 



Atomic Number 


Flo. 47.—Melting Point;Atomic Number for Vortical Groups of Periodic Table. 


points (}). 91), of the alkali metals and of the beryllium subdivision of 
Group II fall with rise of atomic number. This is clearly showm in 
fig. 47. The reverse is the case for the non-metals in Groups V, M, VII 
and 0. In this connection Group V is of special interest; as w^e pass from 
arsenic to antimony and bismuth the metallic properties of the elements 
become increasingly pronounced, and the slope of the atomic number¬ 
melting point curve is reversed. 

Melting Points of Homologous Series. —In general the melting 
points of successive members in a homologous series tend to rise with 
the molecular weight. The rise for each added dig group is not usually 
regular, and the effect falls off as the higher members are reached. 

Homologous series may be divided roughly into tw’o groups, namely, 
those in which the properties vary continuously with successive increases 
in the methylene groups, and those in which the properties alternate 
according as an odd or even number of carbon atoms is present in the 
molecule. Examples of the continuous series are afforded by alcohols, 
ketones and the amides of the fatty acids. In the following table 
(p. 150) are given data for a few alcohols. 

Examples of the alternating series are afforded by the normal 
paraffins, monobasic and dibasic fatty acids, diamines and glycols. 
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Alcohol. 

Formula. 

Molting 
Point, "C. 

Rise jwr 
OH,. 

Methyl 

C113O11 

- 97-8 

-19-5 
- 9-7 
f 37-2 
^ 11 3 

4 20-9 
+ 17-0 
+ 18-3 
+ 11 -3 
+ 12-0 

Ethyl 

CllaCIIoOII 

CIIaCIECIIaOlI 

-117-3 

-127-0 

//-Ihityl 

cn3(cif3)./'ir.,oii 

(’H3(cu3)3Cii;oh 

- 89-8 

y/-Aniyl 

- 78-5 

//-ir(*xyl 

rir3(cn3)4Cir,oii 

- 51-0 

y/-IIe])iyl . 

Cir3(CH3)3CH3“OH 

- 34-0 

//-Octyl 

cir3(i'ii3)„cn,/)ir 

- 10-3 

//-Nonyl 

//-Dccyl 

C'ir3((:ir,),cir20ir 

cii 3 (cir;) 3 cri 30 ii 

- 5-0 

+ 7-0 


The effect is believed to be due mainly to differences in the crystal 
structure of the solid bodies. The fatty acids have been made the 
subject of much study in this connection (Garner and coworkers, 
1921 to 1931), and it has been observed that the “ odd ” scri(‘s of acids, 
that is those containing an odd number of carbon atoms, can exist in 
two enantiotropic (p. 178) forms or isomerides. In the following table 
are given the melting j)oints, or, more correctly, the “ setting points,” 
of the licpiid acids, together with their molar heats of crystallisation, 
tiiat is, the heat evolved when a gramme-molecule of the liejuid at its 
melting point sets to a solid at the same temperature. The molar heat 
of crystallisation is thus numerically equal to the molar latent heat. 


Acid. 

Formula. 

No. of 
Carbon 
Atoms. 

Setting 

Points, 

°C. 

Molar Heat 
of Crystal¬ 
lisation, 
Gramme- 
calories. 

Formic 

IICOOII 

1 

+ 8-5 

2,520 

Propionic . 

ClI.,ClI,CX)OH 

3 

-■220 

2,200 

Valeric 

cii3{cif2),cooir 

5 

-20 0 

, , 

lleptoic 

cji3((:ii3)3(;ooii 

7 

-11-2 

3,580 

Nonoie 

(:il3{CH2),COOH 

9 

+ 12 5 

4,850 

Undeeoic . 

c'H3(cn2)8COOii 

11 

28 3 

5,990 

Trideeoic . 

CH;(CFI3 )uCOOH 

13 

41-1 

8,020 

Acetic 

CH 3 COOH 

2 

+ 10-5 

2,770 

Butyric 

CIl3(CH3)3C00H 

4 

- 3-0 

2,040 

Caproie 

CH3(CIl2)4COOH 

0 

- 1-5 

3,000 

Octoic 

Cir3(CH3)gCOOH 

8 

+ 10-5 

5,100 

Decoic 

0113(011.4)300011 

10 

31-2 

0,090 

Laurie 

01X3(0113)1000011 

12 

43-8 

8,750 

M 3 nristic . 

0H3(0H3)i30OOH 

14 

53-7 

i 

10,740 


When these data are plotted in the manner shown in fig. 48, the alter¬ 
nating character of both the setting points and the molar heats of 
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crystallisation, Q, become apparent, and there is evidently a close 
connection between these two proj)erties. The ratio QjT, where T is 
the setting temperature on the absolute scale, gives a continuous curve. 


50 - 

— 

40 - 


^ 30 - 

— 


— 

.^ 20 - 




^ 10 - 




CO 0 - 

..... 

• 10 - 

— 

• 20 - 

— 


0 5/0 

Number of Carbon Atoms 

Fia. 48.—Showing Alternating Character of Setting Points and Molar 
Jlcats of Crystallisation of Patty Acids (Garner). 

It is noteworthy that bolli Q and T in each scries yield a minimum value, 
with 3 and 4 carbon atoms respectively. 

Melting Points of Isomerides.—In so far as structural isomeridcs 
are concerned, it usually ha])pcns that the highest melting point is 
possessed by the isomeride which is most symmetrical in structure. 
Thus : 

C,lhXOX\ll, cn 3 .co.C 3 n, 

Diethyl ketone, Mcthylpropyl ketone, 

M.pt.‘- 420 ’ i\ M’.pt. 77-8^^ C. 

llrauching of chains tends to raise the melting point. Thus : 






1 

(.’Hg 

CII 3 CH3 

x/ 

un 

CII3 c 

\ 

1I3 cn3 

1 

1 

\i 

r 

/ 

1 

CH, 

V 

t'H, 

1 

COOH 

1 

coon 

coon 




w-Vnlorio acid, 

itWValeric acid. 

Tri methyl 

M.pt. -nu'’ C. 

M.pt. - ,37-6*^ C. 

acetie acid, 



M.pt.+3o-5^C. 


Amongst aromatic substances, para di-substituted derivatives 
usually have higher melting points than the ortho^ and m^<a-derivatives. 
A good example is afforded by the xylenes : 
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CH 3 

OH, 

OH 3 

1 

1 

1^1 

VCH, 

x 

'' \ 

\ 1 

! 1 

1 1 

1 i- CHa 

Y 

\/ 


0 H 3 




o-Xylono, 

m-Xylcno, 

+13-2’ C. M.pl. - 27-1'’ C. 

M.pt.-r.S-G'’ C. 

Amongst Ihc ethylenic 

isoiiKTides, those 

possessing tlie fnmaroid 

structure are the more symmetrical and ha\'e the higher melting points. 

Thti.s : 



COOII.CII 


(H.COOH 

CII.COOII 

j| 

CH.COOH 

Fiimaric acid. 


Maleic acid, 

M.pt. 287^ V. 


M.pt. C, 

For optical isomerides 

no simple rule appears to ajiply. 

Effect of Replacements. —The replaeenu 

nt of one or more atoms 

of hvdrogen in an organic 

compound by oxygen invariably t'anses a 

rise in the melting point, and addition of oxygen has in general the same 

effect. Thus : 



ClI, -> 

viLxm —V 

HCOOII 

Methyl alcohol. 

Formic acid, 

M.pt.-184 C. M.pt. -1)7-8 C. 

M.pt. 8-4" V. 

Cllg 

C 113 

(TI 3 

1 

CII^ 

1 

C 112 —=- 

1 ^ 

I 

CO 

1 

I 

(H 201 I 

\ 

L'll, 

1 

CII 3 

I’ropvl alcohol. 

Propane, 

Acetone, 

M.pt’ -127" C. 

M.pt. - 18il-lt" 0. 

M.pt. -1)4-3 ’ C. 


When siicecssivc elements in a vertical group in tlie Periodic Tabic 
replace one another in organic coin})ounds there is usually a steady 
rise or fall in the melting poijit. This is illustrated by the following data: 


M.pt. 

■-’C. 

xM.pt. 

C. 

M.pt. 

"C. 

(Cel 13 ) 4 !' 2S.'5 

.Si 

(io 225 
.Sn 223 

Pb 227-7 

J* 79 

As «0 

Sb 'IS 

Hi 78 

V\\ -<S() 

-2;i 

Ciir 4 (a) -f-4S*4 

('I 4 Solid, 

deeomposing 
on melting. 


It will be observed that both the lead and bismuth derivatives break 
the regularity in their respective series. 

It does not seem possible, however, to find any general quantitative 
relationships of universal applicability between the melting points, 
composition and constitution of substances. At the moment, therefore, 
we must remain content with the foregoing qualitative observations. 




CHAPTER X. 


VOLUME RELATIONSHIPS IN THE SOLID AND 
LIQUID STATES. 

Density has already V)een defined (p. 11) as the mass of unit volume. 
In the e.g.s. system it is the mass in grammes of* 1 e.c. of a substance. 
The inverse of this, namely the volume occupied by one gramme of a 
substance, is termed the specific volume. The product of the atomic 
or molecular weight of a substance and the specific volume is termed the 
atomic or molecular volume respectively. 

The term specific gravity or relative density expresses a ratio 
and represents the number of times heavier a substance is than an equal 
volume of water at the same or at another specified temperature. 
Numerically the data for density and specific gravity arc closely 
similar, but for accurate work it is necessary to distinguish between 
them. It is most important, therefore, to know as accurately as 
possible the density and specific ^'olume of water at various tempera¬ 
tures. A few data are given in the following table: 

Density and Specific Volume of Water between 
-~10" and 100° C. 


Tcrapera- 

tuw, 

“C. 

Dtmaiiy, 
Grammes 
per c.c. 

Spcicitic 

Volume, 

c.c. 

Tempera¬ 

ture, 

"C. 

Density, 
Grammes 
per c.c. 

iS|)ecific 

Volume, 

c.c. 

-K, 

0 !)9815 

1-00180 

15 

0-99913 

1 -00087 

- 5 

0-99930 

1 00070 

20 

0-99823 

1-00177 




30 

0-99507 

1-00435 

0 

0-99987 

1 -00013 

40 

0-99224 

1-00782 

2 

0-99997 

1 -00003 

50 

0-98807 

1-01207 

4 

uooooo 

uooooo 

60 

0-98324 

1-01705 

6 

0-99997 

1 -00003 

70 

0-97781 

1-02270 

8 

0-99988 

1-00012 

80 

0-97183 

1 -02899 

10 

0 99973 

1 -00027 

100 

0-95838 

1-04343 


According to these data unit volume of water at 0° C. becomes 
1-0433 volumes at 100° C. 

Mention has already been made of the fact that ice at 0° C. contracts 
on melting to water at the same temperature, and a steady but slight 
contraction continues to take place as the temperature is raised to 
3-98° C. This is the point of maximum density of water under atmo¬ 
spheric pressure, and further rise in temperature results in expansion. 

153 
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On cooling below 0° C. the expansion of supercooled liquid water 
continues with fall of temperature, but, once ice has formed, further 
cooling of the ice is accompanied by contra(*tion. The explanation for 
these anomalies has already been given. 

In(‘reasc of })ressure reduces the tcm})crature of maximum density, 
as we should expect from the theorem oi* Le Chatelier (]). 23), the tw^o 
factors being connected by the expression 

= 3-98 -0-0225(p -1) 

w here is the centigrade temperature of maximum density under a 
pressure of p atmospheres. 

Dissolved salts depress the temperature of maximum density of 
water, the de]U’ession being directly proportional to the concentration 
of the solute. This is known as the Law of Depretz, 1839. There is, 
how^cver, no siii)))le connection betw^een the quantitative depression of 
the maximum density and freezing temperatures of water on addition 
of soluble substances (p. 404), for whilst the de]n*ession of the freezing 
point depends only on the concentration of the solute, the depression 
of the point of maximum density depends also upon the nature of the 
solute. The effect produced by a salt is the sum of the depressions 
caused by the acid and metallic radicals respectively. Feebly ionised 
and non-ionisable substances, such as the alcohols, do not in general 
obey Depretz’ Law'. Indeed, both ethyl alcohol and n-i)ro))yl alcohol 
actually elevate the temperature of maximum density to 4-25° and 
4*15° C. respectively. 

Determination of Densities and Specific Volumes.—For 

liquids of which sulficient supplies are available it is frequently con¬ 
venient to apply some method depending \ipon the application of 
Archimedes’ Principle. A body of know n volume is suspended in the 
liquid and its “ w^eight ” determined. The difference between this and 
its “ w eight ” in air or, preferably, in vacuo^ gives the mass of the same 
volume of liquid, from which the liquid density and specific volume can 
readily be calculated. 

The Westphal Balance is a very suitable instrument to employ, 
and if the float is made of silica, which has a negligibly small coellicient 
of expansion, the density of the liquid may be determined directly at 
various temperatures without the necessity of correcting for varying 
volume of the float. 

More usually, where very accurate results are required, liquid 
densities arc determined by weighing some form of density bottle or 
pyknometer (Greek puknos, dense )r filled with the liquid at a given 
temperature. The volume of the pyknometer itself is determined in 
the usual manner by weighing in air both empty and filled with water 
or mercury, from the known densities of which liquids the volume can 
readily be calculated. If the pyknometer is made of silica only a very 
minute change will occur in its capacity with rise of temperature, and 
for most purposes this may be neglected. 

The foregoing method, of course, gives the density in air; if the 
absolute density in vacuo is required, it can be calculated from the 
formula : 

Ttl 

D[ =p:(l -0-0012/fl!) +0 0012 

where m is the apparent mass of the liquid in air, V is the volume of 
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the pykiiometer, d the density of water, all at C., and 0-0012 the 
mean density of the air. This formula is readily derived from first 
principles, and the stude^nt is recommended to check it for himself. 

Glass floats arc sometimes used for determining the densities of 
liquids which cannot for some reason or other be exposed to the air. 
Silicoii tetrachloride is a ease in j)oint, and Robinson and 
Smith in 1926 used this method in order to determine dmm. 
the comparative densities of various samples of silicon 
tetrachloride with a very high degree of accuracy. In 
brief, the method involves the preparation of two sets 
of boats of the shaj)c shown in fig. 49, with densities 
slightly above and slightly below the density of the liquid 
under examination at the pro})osed temperature of 
measurement. The densities of the floats, ten in all, were 
determined by ascertaining with great care the flotation 
temperature of each float in bromobenzenc, the density 49 — Float 

of which was ascertained with great exactness pykno- for Determin- 
metrieally over the temperature range of about 25® to ing Densities 
33° C\ The procedure consisted in introducing the floats Liquids, 
into a cylindrical vessel containing the bromobenzene, and 

varying the temperature of the latter 
in order to make each float rise or 
fall. The mean of the last closely- 
agreeing pair of readings was taken 
as the flotation temperature of that 
float. Knowing the densities of the 
floats at these temperatures, their den¬ 
sities at other temperatures could 
readily be calculated when the co¬ 
efficient of cubical expansion of the 
glass w^as once known. The experi¬ 
ments could now be repeated, using 
silicon tetrachloride as the flotation 
liquid, the flotation temperatures 
being ascertained in a similar manner, 
and hence the densities of the liquid 
at the corresponding temperatures. 

The density at the boiling point 
may be determined by sus}>ending a 
pyknometer (fig. 50) filled with the 
liquid in a flask containing a further 
supply of the liquid. The latter is 
kept on the boil until the pyknometer 
and its contents have reached the same 
temperature. When this is the case no 
Fig. 50.~Pyknomoter Method for more liquid is expelled from the tip 
Density at Boiling Point. of the pyknometer. The pyknometer 

is then removed, quickly cooled so 
that the liquid in the capillary is drawn into the bulb, and weighed. 

The specific volumes of compact solids may be determined by 
weighing ia air and again when suspended in some suitable liquid of 
known density, and applying Archimedes’ Principle. 

Small pieces of solid may be examined by flotation methods. These 
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are particularly useful when the solid is too hygroscoj)ic to bear ex¬ 
posure to the atmosphere. This method was used by Briscoe, Robinson 
and Stephenson (1926) in determining with great exactness the densities 
of various specimens of boric oxide. Beads of t he oxide were sealed in 
tubes containing dry, inert organic liquids of suitable density, and 
their flotation temperatures were ascertained. For powders pykno- 
metric methods arc largely used. 

Density and Chemical Composition.—Determination of the 
density of a powder containing two different substances sometimes 
affords a convenient and rapid method of estimating the relative pro¬ 
portions of the ingredients. A mixture of zireonia, ZrOg, and hafnia, 
HfOg, is very diflicult to analyse chemically, as the two oxides very 
closely resemble each other, as do also eorres}>onding salts of zirconium 
and hafnium. Fortunately, however, the densities of the oxides differ 
appreciably, that of zireonia at 20*^’ C. being 5-78, that of hafnia 9-67. 
If d is the density of a mixture of the two, the percentage, ar, of hafnia 
present is given by 

d ~ 5*78 


When separating hafnium from zireoniuni, therefore, by fractional 
crystallisation or precipitation by any of the recognised methods, the 

pro<*ess can readily be controlled by 
series of density measurements (Hevesy 
and Bcrglund, 192 t). 

II Influence of Temperature.—Unless 

II a change of state or some polymorphic 

B transformation occurs, a rise in tem- 

o « perature is invariably accompanied by a 

density, and on plotting the derisity 
Lj£A against the temperature a continuous 

“ ^ I - Steam curve is obtained. If a break occur.s, and 

- this frequently happens with solids, some 

W ====||B======= allotropic or })olymorphie change is to 

be anticipated. Usually in the case of 
metals the change in density is practi- 
H cally a rectilinear function of the tem- 

H perature over a considerable range, and 

H it is frequently determined indirectly by 

H M noting the coeflicient of linear expansion. 

H A suitable apparatus for this purpose is 

H shown in fig. 51, The metal, in the form 

H of a bar or rod, M, some 50 cm. in length, 

H rests on a quartz block A and is kept 

H vertical by the washer W. On the upper 

H end of M rests a fused silica rod B, which 

j slides vertically through the glass tube 

I--1- ' -*- 1 C, its upper end supporting the gauge G. 

1 _ I Fused silica is chosen for A and B as its 

Fiq. 61.-Apparatus for Linear ^coefficient of expansion with rise of tern- 
Coefficient of Expansion. perature is negligibly small (see p. 157). 

Steam or other vapour is passed through 
the outer jacket, and when a constant temperature has been attained 
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the reading on the gauge is taken. If, for example, th(‘ initial and final 
temperatures were 0° and 100° C., the initial length L and the final 
length L+Z em., the coefficient, a, of linear expansion over the 
given range of temperature Is given by 

_ 

“ “ lOOL' 

The change in volume undergone by unit volume of the metal when its 
temperature is raised by one degree is clearly 

(1+af-l. 

Neglecting scpiares and powers of a, since a is very small, this is equal to 
3a, which is termed the coefficient of cubical expansion. 

Tlu^ eoefiieients of linear expansion of a few typical substances arc 
as follows : 


Aluminium . 

a. 

. 00000255 

Silver . 

. 00000188 

Copper . 

. 00000169 

Gold . 

. 00000139 

Platinum 

. 00000089 

Flint Glass . 

. 00000078 

Silica (Fused) 

. 00000005 


The extremely small value of a for fused silica has already been men¬ 
tioned. Since glass and j)latinum expand by closely similar amounts, 
platinum wire is largely used in making electrical conne(‘tions through 
glass. 

The change in volume of small pieces of solid with rise of temperature 
is frequently determined dilatonictrieally. This is ])articularly the case 
w^hen transition temperatures are being sought (see }). 185). 

Usually in the ease of liquids the curve connecting density and rise 
of temperature is continuous. The curve for nitrobenzene, however, 
sometimes shows a distinct break at 9*5° C., indicating the existence of 
two forms of this body, which arc mutually transformable at this 
temperature (p. 187). 

Atomic Volumes. —It was first pointed out by Lothar Meyer, 
circa 1864, that the atomic volumes of the elements arc a periodic 
function of the atomic weights. By atomic volumes are here under¬ 
stood the volumes of the gramme-atoms of the elements in the solid 
state. This relationship is clearly shown in fig. 52, in which the atomic 
volumes are expressed as ordinates and the atomic weights as abscissae. 
The atomic volumes in the liquid state have been used in the case of 
elements, such as hydrogen and helium, that are gaseous at ordinary 
temperatures. The properties of the elements appear to be determined 
by the positions on these curves. With the exception of lithium, the 
alkali metals occupy the summits, and the heavy metals the troughs. 
Lithium and the alkaline earth metals lie on the descending arms, and 
the non-metals and metalloids on the ascending portions of the curves. 

As a general rule, in any given vertical group in the Periodic Table, 
the atomic volume rises with the atomic weight. There are, however, 
a few exceptions, the most notable being helium and neon, and zirconium 
and hafnium. 
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Although of considerable interest, this systematic arrangement of 



9Ujnio/{ oiuJO^Y 


the elements is inferior to what is known as the Periodic Classification, 
which is discussed later (p. 380). It does not indicate clearly when 
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each curve is complete, consequently it has afforded but little help 
either in the search for fresh elements or in the attempt to correct 
atomic weight values that were open to doubt. 

Molecular Volumes of Solids. —The cmmciatioii of Gay-Lussac’s 
Law of Combining Volumes of Gases iri 1808 (p. 80) stimulated chemists 
to search for similar relationships amongst solid bodies. The results, 
however, have on the whole been disappointing, owing to their lack of 
general applicability. 

In certain cases the mole(!ular volume is found to be additive. 
Thus, for example, on comparing the molecular volumes of the halides 
of sodium and potassium, the differences in volume caused by substi¬ 
tuting ])otassium for sodium are th(^ same in all three cases. Similar 
rema rks apply to the halogens. This is well shown in the following table : 


Salt. 

Molecular 

Volume, 

c.c. 

Difference. 

Salt. 

Molecular 

V^oliime, 

c.c. 

Difference. 

NaCl . 

KCl 

27-1 
;37*5 

10 4 

Na(’l 

NaUr . 

271 

33-8 

0-7 

NaBr . 

KHr . 

8 ;L8 

44-3 

1(1-5 

KCl . 

KBr . 

37'5 

41*3 

G-8 

Nal 

KI 

43 5 

54 0 

10-5 

XaCl . 

Nal 

27-1 

43-5 

16-4 




KCl 

KI 

37-5 

540 

l()-5 


It has also been observed that the densities of many solid substances 
are 3*5 times their critical densities. 

One further item of interest may be mentioned. Water of hydration 
may either be attached to the cationic portion of a salt or to the anion. 
Tims, for example, in zinc sulphate the six relatively loosely attached 
water molecules are cationic ; the last molecule of water is more firmly 
attaelied and is anionic. The molecular volume of cationic water is 
14*6 C.C., which is the same as that calculated for ice at the absolute 
zero of temperature. On the other hand, the molecular volume of anionic 
water is 10*0 c.c., and is the same as that observed when water unites with 
acid anhydrides to form acids or with basic oxides to form hydroxides. 

Molecular Volumes of Liquids. —In 1855 Kopp turned his 
attention to organic liquids. As their cocfUcients of expansion with 
rise of temperature are, in general, much greater than those of solids, 
it is necessary to pay more attention to the temperature of measurement. 
Any arbitrary temperature such as 0° C. or 100° C. presents dilliculties, 
for some “ liquids ” might be solid or gaseous at these respective 
temperatures. Kopp therefore employed the boiling points of the 
substances under atmospheric pressure. Under these conditions 

the molecular volume of a liquid is approximately equal to the sum 
of the volumes of its constituent atoms. 
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This is known as Kopp’s Law. It is not absolutely true ; deviations 
amounting to several per cent, are known. Nevertheless the law 
presents many features of interest and in more recent years has been 
made the subject of exhaustive study by Le Bas and Traube. 

In the following table are given the mean atomic oi* group volumes of 
several elements and grou])s as ealeulated by Kopp from the molecular 
volumes at the boiling point—the boiling volumes-- of a large number 
of compounds: 


Element or Group. 

Calculated 

Volume, 

c.c. 

Observ*od 
Volume of 
.Free Liquid, 

c.c. 

c: . . . . 

110 


0:(Iveto). 

12 2 

11*1 

• 0 • (Enol) 

7-8 

. . 

11 . 

5 5 

. . 

NO^. 

31 5 

32 0 

Cl . 

227 

22 7 

Hr . 

27*8 

20*9 

I . . . . 

37 5 

, , 

s . . . . 

22 0 

, , 

CN .... 

28*9 

28*9 


It is interesting to note that the boiling volumes of such atoms or 
groups as can be determined experimentally in the free state agree very 
closely with those calculated from the molecular volumes of compounds 
containing these atoms or groups. It appears, tlierefore, that liquid 
elements and radicals possess the same volume whether free or chemi¬ 
cally combined. 

From the foregoing data it is easy to calculate the molecular volumes 
of many organic substances. Let us, for example, consider acetone^ 
CH 3 COCH 3 . 

3C give a volume of 11‘0 x 3 =33-0 c.c. 

6 H „ „ „ 5’5x6=33*() „ 

/, Total volume =78*2 c.c. 


The observed boiling volume of acetone is 77*5 c.c. The agreement is 
thus distinctly good. 

Now let us try ethyl oxalate^ COOC 2 II 5 

COOC2H5. 


6 C 

give a 

volume of 11*0 x 

6 = 66*0 

c . c . 

20 ; 

99 

99 

„ 12-2 X 

2= 24*4 

99 

20 

99 

99 

„ 7-8 X 

2« 15*0 

99 

lOH 

99 

99 

„ 5-5 X 

10= 55*0 

99 



Total volume 

= 161*0 

(‘. C . 
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The observed boiling volume of ethyl oxalate is 167 c.e. The agreement 
is not quite so close as before, 

Kopp’s Law is thus only approximately true, for the molecular 
volume is not only an additive property, but partly constitutive as well. 
Thus, for example, ring formation, such as the conversion of a paraffin 
to a cyclic hydrocarbon, leads to a contraction in the molecular volume. 
Furthermore, it is found that the volume of an atom varies with its 
degree of saturation ; an unsaturated carbon atom is found to have a 
larger volume than a saturated carbon atom. 

lso 7 nerides,-~~\i two or more isomerides possess a closely similar 
structure, their boiling volumes are practically identical. Thus 

Methyl valerate, CJI/OOCH 3 . . . M9-2 c.c. 

Ethyl butyrate, C 3 H 7 COOC! 2 H 5 . . . 149*3 „ 

Butyl acetate, rH 3 COOC 4 H 9 . . . 149*3 „ 

On the other hand, isomerides of widely diffcTcnt constitution have 
different boiling volumes. Thus 

Aniline, CgllgNIlg ..... 109*1 c.e. 

Methyl pyridine, (' 5 H 4 (CH 3 )N . . . 121*5 ,, 

Even geometrical isomerides show decided differences in their boiling 
volumes. Thus 


HC.COONa 

II 

HC.COONa 

Sodium lualcato, 
Boiling volume 54-3 c.c. 


HC.COONa 

li 

NaOOC.CU 

Sodium fumarat(% 
Boiling volume 59'4 c.c. 


Density at the Absolute Zero. —In 1894 van der Waals showed 
that 

a = cr„(l-0p . . . . (1) 


where a is the surface tension of a liquid at any absolute temperature 
T, 0 is the corresponding temperature (p. 103) given by and o-q is 

a constant, presumably the surface tension at the absolute zero. 

In 1923 Macleod showed that 


.... ( 2 ) 

where D and d are the densities of the liquid and saturated vapour 
respectively, k being a constant (p. 274). 

By eliminating a in equations (1) and (2) we obtain 

D--d = Do(l~0)3^i« .... (3) 

Dq is a constant, and represents the density of the supercooled liquid at 
the absolute zero, on the assumption that the equation is trustworthy 
down to such a low temperature (Sugden, 1927). 

Between the freezing point and the critical point equation (3) has 
been found to give with great accuracy the relation between the density 
and temperature of unassociated liquids ; for associated liquids the 
equation holds over the lower part of the temperature range, and in 
some cases nearly to the critical point. 

Dividing the molecular weight by Dq gives the molecular volume Vq 
at the absolute zero of temperature. This volume is termed for brevity 
VOL. I. 11 
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the zero volume. As is evident from the data in the following table, 
the ratio is practically constant, hydrogen alone giving an 

anomalous value, F^ is the molecular critical volume. 


Zero and Critical Volumes. 
(Sugden, 1927.) 


Substance. 

Vo 

c.c. 

Vc 

c.c. 


Hydrogen .... 

22 0 

G40 

0-844 

Ethyl ether .... 

771 

281-9 

0-278 

Carbon tetrachloride 

77-4 

276-1 

0-280 

Etliyl acetate 

76*4 

286 3 

0-267 

n-Pentane .... 

88-9 

810-8 

0-270 

Benzene .... 

71 2 

i 

256-1 

0-278 


Vq is thus a corresponding volume. 

Sugden has found that the zero volumes of substances bear a simple 
relation to their chemical composition. For example, ordinary iso- 
merides have the same zero volumes. This is illustrated by 

Methyl formate, IICOOCH3 .... 46-7 e.c. 

Acetic acid, CII3COOH .... 40*7 ,, 

The zero volumes of substances can be calculated with the aid of the 
atomic and structural constants in a similar manner to the boiling 
volumes investigated by Kopp. The following table gives a selection 
from the constants which have been evaluated : 


Atomic and Structural Constants. 
(Sugden, 1927.) 


Atomic Constants. 

Structural Constants. 

c.c. 

H .... 6-7 

0 .... 50 

C .... 11 

N .... 3-6 

Cl .... 19-8 

S. 14-3 

0 (in alcohols) . . 8 0 

N (in amines) . . 0 0 

c.c. 

Non-polar double bond . 8-0 
Semipolar double bond . 0-0 
Triple bond . . .15-5 

8-Membered ring . . 4*8 

6-Membered ring . . 0-6 


The difference between non-polar and semipolar double bonds will be 
explained fully in a subsequent chapter (see Vol. II), as a knowledge of 
atomic structure is essential to its understanding. For present purposes 
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it is sufficient to state that double bond union between C-atoms and 
between C-atoms and other atoms is non-polar, as for example C=€, 
C=0, Semipolar double bonds occur in many double bond unions 
between sulphur and oxygen, phosphorus and oxygen, and frequently 
between nitrogen and oxygen. 

Let us take a few examples by way of illustration : 

Ethylene, C 2 H 4 . 

2 C give a zero v^olume of 1*1 x 2 = 2*2 e.e. 

IH „ „ „ 6*7x4-26*8 „ 

Non-polar double bond = 8*0 ,, 

Total T o -37*0 e.e. 


The observed value, that is the figure obtained from equation (3) by 
insertion of experimental values, is 37*4 e.e. 


Thionyl chloride, SOC'lg* 

Zero volume of S 
„ „ O . 

„ 2C1 . 

Semijiolar bond 


14*3 e.e. 

5*0 „ 
38*6 „ 
0*0 „ 


Total T"o - 57 * 9 e.c. 

Observed value, 58*0 e.e. 


For associated li(|uid acids the calculated values of Vq arc frccpiently 
somewhat too high. This is particularly so with formic, rnonochloraeetie 
and dichloracctic acids, wliilst for acetic acid itself the difference is 
negligible. Association in alcohols and amines appears to produce the 
opposite effect, the calculated values being too low ; in these eases the 
calculated values aj)proa(’h more closely to the observed values if the 
zero volume of oxygen is taken as 3*0 and that of nitrogen as 0*0 
respectively, although even then methyl and ethyl alcohols remain 
exceptional, as well as ammonia and several amines. 

The examples given in the following table (p. 164) will serve to 
illustrate the foregoing. 

Compressibility. —The volume of a liquid at a given tempera¬ 
ture and under a pressure equal to that of its own vapour is termed 
its orthobaric volume. Below its ordinary boiling point small dif¬ 
ferences in pressure have a very small influence upon the volume of a 
liquid, but near its critical point a liquid becomes more highly com¬ 
pressible. For this reason, as we have already seen (p. 98), it is 
extremely difflcult to determine critical volumes with great accuracy. 

The coefficient of compressibility, p, is defined as the change in 
unit volume produced by unit pressure change, and may be represented 
mathematically by the expression 





where F, and are the initial and final volumes under a change of 
pressure p. The pressures are usually expressed either in atmospheres 
or in megabars (p. 17). 



164 


PHYSICAL CHEMISTRY. 


Observed and Calculated Zero Volumes, 

(Sugden, 1927.) 


Substance. 

Formula. 

r. 

Obs. 

Vo 

Calc. 

DifTerenoe, 
per cent. 

Benzene 


71-2 

71-4 

+ 0*3 

Toluene 

C.HsC’II, 

8t>-7 

85 0 

-0*9 

Carbon tetrachloride 


77-4 

78*3 

+ 12 

Ethvl ether 


771 

76-4 

-0*9 

Acetone 

(CH3),C0 

560 

50*5 

+ 0*9 

Acetic acid 

(TLjCOOII 

46-7 1 

47 0 

+ 0*7 

Carbon disulphide . 

CSo 

48-2 

45*7 

-5*1 

Formic acid 

IICOOH 

30-7 

32 5 

+ 5*8 

Methyl alcohol 

1 CiraOH 

32 3 

30*9 

-^4*3 

Ammonia 

1 Nil,, 

101 

201 

+ 5*0 


Ill the following table are given the eonipressibilities of a few 
substaiiees. In general, solids are less eompressible than liquids. 
Thus ice is less eompressible than w^ater at the same temperature. The 
compressibilities of the majority of substances at constant pressure 
rise witli the temperature. lee has an abnormally high temperature 
coefficient. Water, however, is exeejitional, its compressibility falling 
with rise of temperature, a minimum being reached at 50° C. This is 
usually attributed to the diminishing number of bulky, compressible 
“ ice ” molecules (p. 135) as the temperature rises from 0° to 50° C. 
At this latter temperature their number is negligibly small, and from 
this point onwards water behav(‘s as a normal liquid. This is shown 
in the accompanying table. 


Substance. 

Temp., 

"C. 

per 

Megabar. 

Substance. 

Temp., 

"C. 

P per 
Megabar. 

(' 

0 

3 .3 X 10-s 

Benzene 

18 

908 X10-® 

lee . 

-15 

1-8 „ 

Carbon di- 

15*6 

8-59 „ 

t 



sulphide. 





0 

501 xlO-s 

Mercury 

20 

3-88 X 10-« 

Water 


20 

4-59 „ 

Lead 

18 

2-2 „ 


50 

440 „ 

Tin . 

18 

17 „ 


. 

80 

4-57 „ 

Zinc . 

18 

1-5 „ 

Sea water . 

17-5 

4-30 „ 

Silver 

18 

0-84 „ 


As is evident from the following data j8 usually falls as the pressure 
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Pressure range (megabars) . 0-*100 200-800 400-500 

j8 for water at 20° C. . . 4-52 x 10"® 4*18 x 10“® 3*94 x lO'^ 

for mercury at 20° C. . 8*88 x 10'« 3*79 x 10“« 3-71 x 10“« 

Incidentally it will be noted that water is more than ten times as 
comj)ressibie as mercury. 

As a rule solutions are less compressible than the pure solvents; 
thus sea water is ai)preciably less compressible than fresh water. 

Although the compressibilities of natural waters arc thus exceedingly 
small, their eff(‘ct u])on the distribution of land and water on the surface 
of the earth is important. It has becai calculated that, in consequence 
of the compressibility of sea water, the mean sea level is 116 feet lower 
tlian it would be if water were absolutely incompressible, with the 
result that two million square miles of land are now uncovered which 
would otherwise be submerged. 

Amongst such elements as have been tested, their compressibilities 
appear to show a periodic relation with the atomic weight. 



CHAPTER XI. 


THE CRYSTALLINE STATE. 

SuBSTANCKS tluit Ordinarily are classed as solids may be divided into 
two groups, namely (i) those in which the })hysieal properties are the 
same in all directions, and (ii) those in wliieh certain properties, such 
as ex])ansion with rise of tem])eratiire, thermal conduction and various 
optical ])roj)erties, liave different values in different directions. Sub¬ 
stances belonging to the first group are in general said to b(‘ amorphous 
(Greek a, 'without; morphe, form), that is, without any definite geo¬ 
metrical form. Substances belonging to the second group are aniso¬ 
tropic ((h'cek anisos, not equal) and crystalline (Greek krijstalloft, 
ice). 

Historical. - Quartz was well known to the ancients and was given 
the name kriistallos, whicli became Anglicised to crystal, from its clear, 
iee-likc appearan(‘e. Indeed, Albertus Magnus (1*250) regardc'd rock 
crystal as a form of ice so hardened by Alpine frosts that it refused to 
melt. Even to-day clear specimens of quartz are frequently referred 
to as crystal or rock crystal. When other minerals came to be recog¬ 
nised as occurring in definite geometrical shapes, the term crystal ” 
was extended to im^lude these, and ulthtiately to embrace all such 
substances as arc termed “crystalline” to-day. The seientilic study of 
crystals dates back merely to the seventeenth century, when Nicolaus 
Steno (1660) emineiatcd the law of the constancy of crystal angles. 
This was followed in 1780 by the invention of the contact goniometer 
(Greek gonia, angle) by Carangcot of Paris, which enabled mineralogists 
to verify Steno’s law', and thus the w'ay was ])re})ared for the Abbe 
Rene Just Hatiy in 1784 to show’ that all the faces of natural crystals 
may be derived from a few' sinqdc forms. 

Characteristics of a Crystal.- When a body passes from the 
liquid or gaseous state, or from solution, to the solid state, it assumes, 
under favourable conditions, a definite gcometri(‘al shape, and is said to 
crystallise. We now know' that the outw'ard form of a crystal is 
determined by the internal arrangement of the molecules, so that the 
science of erystallograjdiy, which was at one time mainly of interest to 
mineralogists, has now become a study of great importance to chemists 
and physicists. This aspect of the subject is dealt with in \"ol. II. 

In view of w'hat has just been said we may define a crystal as a 
homogeneous chemical substance, bounded by surfaces that are usually 
planar and arranged upon a definite jdan which is an expression of the 
internal arrangement of the molecules. The surfaces referred to in this 
definition are called faces, and may be curved, as in the diamond. 
Faces that have the same properties are termed “like” or “similar” 
faces; those with different properties, “unlike” faces. When two 
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adjacent faces intersect an edge is formed, but a solid angle results 
when three or more edges intersect. The angle between the normals 
to two intersecting faces is termed the interfacial angle. 

In addition to a well-defined geometrical shape, a crystal often 
shows a plane fracture. When struck by a heavy blow it breaks 
along cleavage planes, which are parallel to im})ortant crystal faces. 
Mica affords an excellent illustration of this ; it has one very pro¬ 
nounced cleavage plane, so that it readily splits into thin sheets or lamina;. 

Crystals have a definite melting point, so definite that the tem¬ 
peratures at which melting takes place in various crystalline substances 
arc used as fixed points in thermometry (pp. 134, 135). 

Finally it is found that various directions in a crystalline substance 
arc equivalent, that is, in those directions the physical properties are 
the same, and equivalent directions are found to be arranged in space 
in a symmetrical manner. The symmetry of these arrangements is 
closely connected with the symmetry of tlie geometrical shapes of the 
crystals, and accordingly the latter arc only the outward expression of 
the internal structures of crystalline substances. 

When a crystal is composed of similar faces, like, the cube (fig. 53) 
or octahedron (fig. 54), it is termed a simple form. More usually, 

I 
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I 
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Fia. 53.—Cube. Fio. 54.—Octahedron. Fig. 55.—Cr^^stal of Galena, 

showing Combination of 
Cube and Octahedron. 

however, a crystal consists of two or more simple forms, and is known 
as a combination of forms. A well-known example of the latter is 
afforded by galena, which commonly occurs as combinations of the 
cube and octahedron (fig. 55). 

Characteristics of Amorphous Substances. —As their name 
implies amorphous substances have no definite crystalline form. They 
possess no cleavage planes, although they frequently exhibit eonchoidal 
fractures (Latin concha, a mussel-shell). Examples are afforded by 
pitch, glass and flint. Again, amorphous substances have no sharp and 
decided melting point. They gradually soften and become pasty over 
a considerable range of temperature before being converted into typical 
liquids. Finally, the properties of amorphous substances are the same 
in all directions ; the substances are therefore termed isotropic (Greek 
iso$, equal; tropos, direction). This property, however, is not dis¬ 
tinctive, for crystals belonging to the cubic system (p. 171) are also 
isotropic. 
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Fundamental Laws of Ciiystallography. 


There are three fundamental laws of crystallography, the signilicance 
of which the student should attempt to grasj) at the outset. 

1. Steno’s Law of the Constancy of Angles.—This refers to 
interfacial angles, and may be stated as follows : 

Under the same j)hysical conditions the angles between corresponding 
faces on various crystals of the same substance are constant. 


Steno arrived at this law in 1669 as the result of a series of rough 
measurements on specimens of roek crystal from a arious localities. No 
accurate instruments for measuring angles were then available, and it 
was not until 1783 that Rome de Tlsle, in Paris, working with a contact 
goniometer, invented by his assistant Carangeot, was able to show that 
the law applies with accuracy to a large number of substances and is a 
general law of Nature. 

Accurate crystal measurement is thus of very great importance, 
since crystalline form is one of the most distinctive and characteristic 



properties of a solid and offers an infallible method 
of establishing the identitj^ of the substance. In 
this connection it is important to bear in mind 
that it is immaterial to what extent the shapes 
and appearances of the crystals may vary as a 
result of unequal development (fig. 56). In other 
words, the sizes of the faces on a crystal are not 
important, but only the inclinations of the faces 
to each other. Accordingly, whenever necessary, 
it is permissible to suj)pose the faces of a crystal 


Fig. 56.—Octahedron 
Unequally Developed. 


to move parallel to their original positions, in 
ord(‘r that like or similar faces shall be equal in 
size. 


2. Haiiy’s Law of Rational Intercepts.—This remarkable law, 
enunciated by Ilaiiy in 1784, is the foundation upon which is built our 
system of classification of crystals. It may be explained as follows : 

Suppose any three edges of a crystal that meet at a point are taken 
as axes of co-ordinates. Any face of the crystal will intersect one or 
more of the axes, the face being extended if necessary. Choose one 
of the faces whicdi intersects the three axes as the standard, and suppose 
the intercepts that this plane cuts off from the axes are «, b and c 
respectively, measured from the origin. It is only the ratio of these 
intercepts that matters. Now suppose that any other face of the crystal 
cuts oU intercepts in the ratios of x ly iz respectively. These inter¬ 
cepts may be expressed in terms of a, h and c as follows : 


X :y :z 


a b c 

Vk'V 


The remarkable feature is that h, k and 1 are in the ratios of simple 
integers, usually 1, 2, 3 or 4, rarely as large as six. We shall refer to 
this again presently. 

3, Law of Constancy of Symmetry.—^Before stating this law it 
is necessary to understand the specialised meaning given to the term 
“ symmetry ” as used by crystallographers. 
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Crystals may be symmetrical with respect to a point, a line, or a 
plane. When, for example, to each face of a crystal there corresponds 
a similar, parallel face, the crystal is said to ])ossess a centre of 
symmetry or to exhibit centrosymmetry. This is ilhistrated clearly 
by figs. 53 and 54, which illust rate the cube and octahedron respectively. 
The centres of symmetry are indicated. 

If on rotation about an axis a crystal presents exactly the same 
appearance n times in one complete revolution, the axis is said to be 



° D F 

Fio. 57.—Axes of a Cube, showing Fourfold, Threefold and Twofold Symmetry, 

respectively. 


one of n-fold symmetry. It should be borne in mind that only the 
inclinations of the faces, not the sizes, arc of consequence, for we are 
dealing with crystallographic, not geometrical, symmetry. The only 
values of n are two', three, four and six, giving rise to di-, tri-, tetra- 
and hexa-gonal axes of symmetry. The only angles between pairs of 
axes of symmetry arc 30"^, 45°, 60° and 90°. An axis of symmetry 
is always j)erpendicular to a possible crystal face and parallel to a 
possible interfacial crystal edge. From fig. 57 it is evident that the 
axis AB of a cube is one of fourfold symmetry, 
whereas the diagonal axis CD has threefold symmetry, 
and the axis EF only twofold symmetry. 

A plane of symmetry divides a crystal into 
two symmetrical halves such that, if the plane wxrc 
a mirror, one-half of the crystal wxmld coincide with 
the reflected image of the other half. It may of 
course be necessary to move some of the faces parallel 
to themselves in order to preserve this coincidence, 
but such a procedure is admissible. In fig. 58 a plane 
of symmetr}’' of a pyritohedron is illustrated. 

Planes and axes of symmetry constitute the ele¬ 
ments of symmetry. The centre of symmetry is 
not a true element of symmetry. 

The law of symmetry states that Fio. 58.—A Plane of 

all crystals of any one substance have the same p^toSron.^ ^ 
symmetry. 

Crystal Elements. —In order to express briefly the various crystal 
forms, a symbolic method is employed, based upon the principles of 
co-ordinate geometry. A point within the crvstal is taken as the origin 
of co-ordinates, and three crystallographic axes of co-ordinates are 
chosen, parallel to three crystal edges not lying in the same plane or 
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parallel to one another. Taken two by two, these axes lie in three 
axial planes, dividing space into eight octants. Whenever possible, 
axes of symmetry are for simplicity chosen as co-ordinate axes, since 
they are always parallel to possible crystal edges ; preferably, axes of 
more than twofold symmetry are selected. 

A face that lies in the octant XOYZ (fig. 59) and cuts each of the 
axes, is chosen as the fundamental face or parametral plane, and 
the ratios of its intercepts on the axes are taken as the ratios of the 
units of length in terms of which measurements along the three axes 
are expressed. Hence, in general, measurements are made in three 
^ different scales, one for each axis. The axes 

\ are conventionally drawn, as shown in fig. 

! 59, and the intercepts or parameters a, b 

! and c of the fundamental face arc always 

! referred to in a standard order : firstly, a 

/j\y on the front to back axis ; secondly, b on 

right axis ; and thirdly, c on the 

- 'sx'rtieal axis. The ratios of the parameters 

r ^ Y or axial ratios a : b : e, together with the 

/ I angles YOZ = a, ZOX - )8, XOY - y, eonsti- 

^ i tute the crystallographic elements of a 

i crystal. The value of b is generally put equal 

jz/ to unity. 

PiQ. 59.-Crystallographic Axes. Hau'y’s law of rational intercepts (p. 108) 

postulates that the interc*c})ts »r, y and z of 
any other face of a crystal are related to the axial ratios a : b : c as 
follows : 

a b c 


Fig. 59.—Crystallographic Axes. 


where fe, k and I are in the ratios of simple integers. The face is there¬ 
fore given the symbol (hkl), and hy k, I (expressed in their lowest terms) 
are called the indices of the face. This index system of notation is 
due to Miller (1839) and is almost universally adopted. 

It will be noticed that the interee])ts are inversely proportional to 
the indices of the face. As an example, the symbol (112) means 
that the crystal face cuts off intercepts on the axes the lengths of which 
are in the ratios of \ : ] ' i-f- 2:2: 1, the scales of measurement 
along the axes being in the ratios of « : 5 : c ; hence the absolute lengths 
of the intercepts are in the ratios of 2a : 2b : c. Whenever zero occurs 
as an index, it means that the corresponding intercept is infinitely 
great, i,e. that the plane is parallel to the axis. 

To indicate that intercepts are measured along OX', OY', OZ' 
(fig. 59) the corresponding indices are written with minus signs above 
them. When the symbol of a face is enclosed in brackets, e,g. {hkl}y 
it stands for all the faces belonging to the form of which {hkl) is one 
face. Usually the symbols for the various faces of a form only differ 
in the order of taking the same indices and in the signs attached to 
them ; the eight faces of the octahedron, for example, are (111), (ill), 
(Ill), (III), (111), (111), (ill) and (III). Four of these faces are 
shown in fig. 60, 

Crystal forms are named as fallows: pyramids, {hkl}^ each face of 
which cuts all three axes ; prisms, {A&O), each face of which cuts the 
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lateral axes and is parallel to the vertical axis ; domes, {^0/} or {Okl}, 
each face of which cuts the vertical and one lateral axis, but is parallel 
to tlie other lateral axis ; and pinacoids, {/?X)()}, {0^0} or {00/}, in 
which each face cuts one axis and is parallel to the other two. The 
symbol for the fundamental (pyramid) 
face is obviously (111). 

Those forms which present the full 
number of faces requisite to exhibit the 
maximum symmetry of a system are 
termed holohedral (Greek liolos, whole; 
hedra, base). Thus, for examjde, tlH‘ 
cube and ()(‘t;^hedron are two hololiedral 
forms of the cubic system (below). 

Hemihedral (Greek hetni ~ Latin fterni, 
half) forms possess only half the number 
of faces pres(‘nt in the corresponding 
hololiedral forms. As an example 
quartz ()), 17()) may be mentioned, since 
it consists of two hemihedral forms com- Fjo. go.—F our Faces of Octahedron, 
billed, alternate faces, only, being 

similar. When a form is represented by only a quarter of the holohedral 
number of faces it is termed tetartohedral (Greek ietarto,fi, fourth). 

Sometimes a grouj) of crystals shows parallel growth, the edges 
and faces of the different crystals lying parallel to one another. This, 
for example, is frequent with quartz crystals. Irregular aggregates, 
however, in whicdi there is no simple relation between the orientations 
of two or more crystals, are generally more common. When two 
crystals are united symmetrically about a ))lane which is a ])ossible 
face of the crystals, or about an axis which is a possible crystal edge, 
a twin crystal results. Gypsum crystals (p. 17t) frequently are 
twinned. 

C IlYSTA1.1.00KAPTIIC SVSTKMS. 

The elements of symmetry may be associated in 81 different 
ways, vSo that, counting as one class those crystals which possess no 
symmetry whatever, crystals may be divided into 32 classes. These 
classes are grouped into seven systems, each system including all the 
crystal forms, whatever their symmetry, that c*an be referred to the 
same set of axes. Let us consider brielly each of these systems. 

1. Cubic, Regular or Isometric System. —This system com¬ 
prises five classes of crystals, all of w^hich may be referred to three equal 
and interchangeable crystallographic axes, at right angles to each other. 
The axial ratios thus are a: b : c=a: a: a or 1:1:1, and need not 
therefore be mentioned. As the axes are interchangeable, the properties 
of the crystals are the same in all directions; the crystals thus are 
isotropic (p. 167) and show no double refraction (p. 321). 

A few well-known examples arc as follow^s : Metallic sodium and 
potassium and many other metals often crystallise in cubes, whilst 
rock salt, sylvine, KCl, and fluorspar, CaFg, occur in Nature as simple 
cubes. These are composed of six pinacoid faces, the form symbol 
being {001}. Galena, PbS, also occurs as cubes, but frequently as a 
combination of the cube and octahedron (fig. 55). 

The octahedron {111} is composed of eight pyramid faces. As 
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examples the various alums may be mentioned (p. 190), also the 
diamond, spinel, MgO.AlgOa, and magnetite, FeO.FegOa. 

Iron pyrites, FeS^, usually occurs as striated cubes, pyritohcdra 
(fig. 58), or as combinations of the pyritohedron with the cube, octa¬ 
hedron or di|)loid (fig. 01). A pyritohedron, it will be noted, is a solid 
bounded by twelve i)entagonal faces, each face cutting two axes and 
lying paraliel to the third. A diploid is bounded by twenty-four faces, 
grouped in pairs, each face being a trapezium. 

Garnets crystallise in rhombic dodeeahedra {110} (fig. 02), trapezo- 
hedra {211} (hg. 63), or in combinations of these (fig. 6t). 




Fig. 64. —Combination of Rhombic Fig. 65. —Positive 
Dodecahedron and Trapezohedron. Tetrahedron. 


Fj(}. 66.—Negative 
Tetrahedron. 


Zinc blende, ZnS, crystallises in tetrahedra. A tetrahedron, as its 
name implies, is a four-faced solid; each face cuts the axes at equal 
distances, so that the symbol of the form is {111}. As shown by figs. 65 
and 06, two tetrahedra are possible, termed “ positive ” and “ negative ” 
respectively. They may occur singly or in combination, and are pro¬ 
duced by developing the two sets of faces of the octahedron. Their 
geometrical relationship to the octahedron is indicated in the figures, the 
symbol of the positive form being {111}, that of the negative, {ill}, 

2. Tetragonal or Quadratic System.—This system comprises 
seven classes of crystals, each class being characterised by a fourfold or 
tetragonal axis of symmetry, which is chosen for the vertical crystallo¬ 
graphic axis. The other two axes of reference are chosen perpendicular 
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to the vertical axis and to one another. A tetragonal crystal is tliere- 
forc referred to three mutually perpendicular axes, two of which are 
equal to one another, but not to the third. The axial ratios thus are 
a : h : c = a : a : c OY 1 \ 1 : c. It is only necessary, 
therefore, to state the value of c w'hen descril)ing a 
tetragonal crystal. 

The only tetragonal metals known arc ordinary 
white till and indium. The following minerals b(?long 
to this system: Cassiterite, SnOg; rutile, TiO.^: 
anatase (TiOg); zircon, ZrSi 04 (fig. 67); thorite or 
orangite, ThSi 04 ; scheclite, CaUT )4 ; and wulfcnite, 

PbMo 04 . 

3. Orthorhombic or Rhombic System. -Three 
classes of (crystals are included in this system, which 
is (‘haractcrised by three rectangular but uneipial 
crystallographic axes at right angles to each other. 

The vertical axis is one of twofold or digonal sym- 
, metry only. In no case is it possible 

. for any crystal face to have two equal 
intercepts on the crystallograjdiic 
fr— ^ 5 hence in specifying an orthorhombic crystal it 

is necessary to state the values of a and c, h being 
taken as unity, in tlie axial ratios a : b : c. Such a 
crystal is said to be referred to three mutually per¬ 
pendicular but unequal axes. 

One of the best known examples of this system is 
rhombic sul})hur, the axial ratios of which are : 



Fig. 67.—Zircon. 






a : h : c =0*8138 : 1 : 1*0070. 


i 

Fig. 68.—01ivini\ 


+C 


Other well-known examples are: Potassium nit rate, 
chromate, sulphate (p. 170) and selenate; aragonite, 
CaC'Og, strontianite, SrCOg, witheritc, BaCOg, and 
cerussite, PbC’Og; anhydrite, CaS 04 , celestine, SrS 04 , 
barytes, BaS 04 , anglesite, PbS 04 ; earnallite, KCl.MgClg.OHgO, 
epsomite, MgS 04 . 7 ll 20 , and olivine, Mg 2 Si 04 (tig. 68). 

4. Monoclinic, Oblique or Monosymmetric System. -This 
sj^stem comprises three classes of crystals, all of which ]>ossess three 
unequal crystallographic axes, of which one, 
the ^-axis, is perpendicular to the other two. 

As usual the c-axis is the vertical one. At 
right angles to this is the left to right ?;-axis, 
known as the ortho-fixiH, whilst the «-axis is 
inclined at an angle j8 to the c-axis, and hence 
is knowui as the cZmo-axis. This is clearly shown 
by fig. 69. In no case is it possible for any 
crystal face to have tw^'o equal intercepts on the 
crystallographic axes. Hence in describing a 
monoclinic crystal it is necessary to state the 
values of a and c, b being taken as unity, in the 
axial ratios a : h : c. Further, the magnitude 
of the angle p must be given. Obviously both a and y are equal to 90°. 
Monoclinic crystals therefore are said to be referred to three unequal 
axes, two of which are perpendicular to the third but not at right angles 



9 

^a4■ 





Fig. 69.—Monoelinic Crys- 
taJlographic Axe.s. 
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to each other. As an example the crystallographic elements of a crystal 
of monoclinic sulphur may be given. These are : 

a \ c = 0-9958 : 1 : 0-9998, 

^= 84 - 28 °. 


To the monoclinic system belong large numbers of well-known 
minerals and other crystalline substances. Mention may be made of 
the isornorphous scries of double sulphates, typified by ammonium 
ferrous sulphate, (NIl 4 )oSO 4 .FeSO 4 . 0 ll 2 O (p. 189); Glauber’s salts, 
Na 2 SO 4 .l 0 H 2 O ; borax, Na 2 B 4 O 7 . 10 H 2 O ; the vitriols, as typified by 
^ ferrous sulphate (p. 188), but not 

^ ■ by magnesium sulphate or epsomite, 

/ \ /\ /TTK MgS 04 . 7 H 20 , which is rhombic (p. 

y y J 178); vivianite, Fe 3 (PC) 4 ) 2 . 8 H 20 , 
y y ^ and crythritc, Co 3 (As 04 ) 2 . 8 H 20 ; 

' ^ \y / cryolite, NagAlF^; orthoclase, 

f ^ - KAlSigOg (fig. 70), but not albitc, 

' NaAlSigOg,which is triclinic (below), 

^ lithium mica. Gyp- 

selenite, CaS 04 . 2 H 20 , is 
V y /y shown in fig. 71 ; twins are very 

I / / f frequent. Finally mention may be 

, made of potassium ferrocyanide. 

Fig. 70.— Orthoclase. Fig. 71.— Gypsum. f tartaric 

acids (fig. 88 ), which latter are of 
special interest on account of their optical activity (p. 200 ). 

5. Triclinic, Anorthic or Asymmetric System. —Two classes, 
only, arc included in this system, one oF which, the holohedral class, 
has a centre of symmetry only, whereas the other, ^ 

the asymmetric class, has not even that. The 
system is characterised by three unequal crystal- 
lographic axes all inclined to each other, none of V 
the angles being right-angles. There being no 
axes of symmetry the crystallographic axes are m p t 

chosen parallel to three crystal edges. From the 

symmetry of the system no axial angle can equal _ - 

90"^ and no two intercepts of any face can be ^ 

equal. Hence a triclinic crystal is said to be 

referred to three oblique and unequal axes, and 

in describing such a crystal it is necessary to v. 

state the values of a and c, b being taken as 

unity, in the axial ratios a : b : c. Further, the 

magnitudes of the angles a, B and y must also ^ , . 

be given. One axis is arbitrarily chosen as the Dichromate. 

vertical axis, and usually corresponds to a 

direction in which the crystal is well developed; of the other two axes 

the longer or macro-axis is placed from left to right as the 5-axis, and 

the shorter or brachy-axis from front to back as the a-axis. 


An excellent example of the holohedral class is copper sulphate, 
CUSO 4 . 5 H 2 O, which possesses a centre of symmetry; a second is 
potassium dichromate, K 2 Cr 207 (fig. 72). Other examples of triclinic 
crystals are afforded by aJbite, NaAlSigOg (above); sassolite, H 3 BO 3 ; 
calcium thiosulphate, CaSa 03 . 6 H 20 , 
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6. Hexagonal System. —^Each of the five classes included in this 
system is characterised by a crystallographic axis of sixfold symmetry 
which is chosen as the vertical crystallographic axis. Instead, however, 
of choosing two more axes of reference, three more are selected, arranged 
symmetrically about the vertical axis in 
a plane perpendicular to it. Their positive \w 

directions are regarded as being separated j 

by 120"^, as shown in lig. 73. The symbol | 

of a face, therefore, contains four indices, ; 

which cannot, however, all be indepen- z v.. ; 

dent of one another. In fact, any lateral ^ ^ - 

index can be calculated from the other ^- y 

two lateral indices, since the sum of the ^j ''-s.. 
lateral indices is zero. The four indices j 

are always cited in the order «, //, tu of j 

fig. 73. j 

The simplest pyramidal face in any 
class belonging to this system intercepts yS.-Hexagonal Crystallo- 

(t on the tT-axis, is parallel to the jy'axis, ^riij)tiio Axes. 

interce})ts d on the s-axis and c on the 

re-axis. Hence its symbol is (loll). Each of the other faces of this 
form likewise cuts off intercepts numerically ecpial to a on the lateral 
axes and c on the vertical axis, c never being equal to a. Hexagonal 
crystals are therefore said to be referred to three equal lateral axes 
inclined to one another at 120°, and a vertical axis, 
pcrpcndi(*ular but not ecpial to the lateral axes. 
The ratio eja is called the axial ratio, and must be 
given when describing a hexagonal crystal. 

A typical example is the beryl, 3 Bc 0 .Al 203 .GSi 02 , 
which frequently crystallis(‘s in a combination of 
the forms {lolo}, {1011} and {0001}, as shown in lig. 
74. Other examples are apatite, CaCl 2 . 3 Ca 3 (P 04 ) 2 , 
and its isomorphs pyromorj)hite, PbCla.SPbg^PO^)^, 
mimetite, PbCl 2 *» 3 Pb 3 (As 04 ) 2 , and vanadinite, 
PbCl 2 . 3 Pb 3 (V 04 ) 2 ; grcenockitc, CdS; spartalitc or 
zincite, ZnO ; and ice. 

7. Trigonal or Rhombohedral System. —This 
system is sometimes regarded as part of the hexa¬ 
gonal system. It comprises seven classes, and may 
be referred to hexagonal axes of reference, the 
Fig. 74.—Beryl. vertical axis, however, having only threefold sym¬ 

metry. As an example of one of the classes, 
quartz may be chosen. This mineral commonly occurs in the form 
of a hexagonal prism capped by hexagonal pyramids at its ends (fig. 
75). From its geometrical appearance one would imagine such a crystal 
to yield a vertical axis of hexagonal symmetry and thus to belong, like 
the beryl, to the hexagonal system. But etch-marks prove that all 
the pyramidal (or prism) faces are not of the same kind, so that the 
vertical crystallographic axis has only trigonal symmetry, alternate faces, 
only, being similar. A quartz crystal, therefore, really consists of two 
hemihedral forms combined. 

Another feature of quartz crystals is the frequent presence of other 
small faces which lie between the prism and pyramid faces on alternate 
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corners of the crystal. These small faces cause the crystals to appear 
asymmetric ; there are two kinds of such crystals, related to one 
another as object and image or as right hand and left hand. The 
crystals therefore are said to be enantiomorphous (Greek enantios^ 
opposite ; morphe, form) and are conveniently tci*mcd right- and left- 
handed crystals, respectively (fig. 75). 

Enantiomorphous crystals arc known amongst organic compounds 
(p. 199), and are there associated with o})tical activity of the compounds, 
as, for example, in the case of the lactic and tartaric acids. Quartz, 
also, is optically active, for it rotates the plane of polarisation of a 
beam of i)olarised light passing through it in the direction of the 




Fig. 75. —Enantiomorphous Quarts Crystals. 

vertical axis ; the opposite crystals are o])])osite in their optical 
activity. In the case of organic compounds the optical activity is a 
molecular property which persi.sts when the compound is in the state 
of fusion or in solution ; in the case of quartz, however, optical activity 
is a property of the crystal rather than of the molecule of silica ; it 
depends on the way in which the silica molecules are built up wdthin 
the crystal. A section of quartz, 1 mm. thick, cut perpendicular to 
the vertical axis, rotates the plane of sodium D light (p. 321) through 
22 °. Such a section also shows interference colours in the polariscope. 

Cinnabar, HgS, is a second example of the quartz class. 

Another class is represented by tourmaline, a complex borosilicatc 
of aluminium and iron, which possesses peculiar optical and pyroelectric 
properties. 

A third class is represented by calcite, CaCOg, which crystallises in 
a variety of forms, notably as scalenohedra (fig. 76), in the dog-tooth 
variety, and as a combination of rhombohedron and prism in “nail- 
head spar.” A pure, transparent form of calcite from Iceland is known 
as Iceland spar. It cleaves into remarkably perfect rhombohedra, the 
derivation of which from the hexagonal bipyramid is clearly shown in 
figs. 77 and 78. The spar exhibits double refraction to a marked 
degree and is used in the construction of the Nicol prism (p. 321). 

Periodicity of Crystal Systems of Elements. —The crystalline 
forms of all the metals are not known, but when the systems of those 
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that are known are entered on the Periodic Table (p. 336), several 
intcrestin^j regularities arc observed. Thus, the elements of Group I, 
Group IVH, Group VIA and Group VIII (the cobalt and nickel sub¬ 
groups) are cubic. Group II Jl, Group IV A and Group VII are essen¬ 
tially hexagonal. In many cases metals forming homogeneous series 




Rhombohedron, 


of solid solutions crystallise in the same system (Ilaughton and Ford, 
1922). 

Ali.otropy and Polymorphism. 

If, upon examination, two substances prove to have exactly the 
same properties, physical and chemical, it is unhesitatingly assumed 
that they also have the san\e chemical composition. The converse is 
not true, however, for substances may be chemically identical although 
their physical properties are widely different. 

When in Florence in 1814, Davy concentrated the rays of the sun 
on to a diamond with the aid of a large new^ lens then just obtained by 
the Cabinet of Ilistoiy and showed that carbon dioxide was the only 
jiroduct. lie thus demonstrated what had hitherto been regarded as 
impossible, namely that two substances of the same composition may 
have entirely different physical properties. Other examples were soon 
discovered. In 1821 Mitscherlich showed that disodium hydrogen 
phosphate, Na 2 HP 04 .H 20 , can exist in two distinct crystalline forms, 
and in 1823 he added sulphur to the list. 

When an elementary substance can exist in more forms than one, it 
is said to exhibit allotropy (Greek alios, another; tropos, direction), the 
different varieties being termed the allotropes or allotropic modifi¬ 
cations. Examples are furnished by sulphur, carbon, phosphorus, 
iron, tin, etc. In the ease of compounds, however, the term poly¬ 
morphism is used. A substance that can occur in two crystalline 
forms is said to be dimorphous, e,g. calcium carbonate; in three 
forms, trimorphous, e.g. metallic tin and thallous nitrate; in four 
forms, tetramorphous ; in five forms, pentamorphous, e.g. ammon¬ 
ium nitrate ; and so on. The term “ polymorphism ” is frequently 
used in connection with both elements and compounds in the crystalline 
state, but it does not include the allotropy of amorphous substances, 
such, for example, as that of ozone or of liquid sulphur. 

When the different polymorphous forms of any one substance are 
examined, it is found that each exists under a definite set of conditions 
you I. 12 
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of temperature and pressure. The physical properties of metals, for 
example, are susceptible to alteration according to the treatment to 
which the metals have been subjected. Thus Beilby (1902) found 
that a metal can exist in two phases—namely, (1) the hardened or 
amorphous phase, (2) the annealed or crystalline phase. The former 
is convertible into the latter by heat, and the reverse change may be 
caused by pressure, })roducing mechanical flow. Again, it is well 
known that the density of a metal dc})ends on the treatment to which 
the metal has been subjected, decreasing in many cases as the result of 
compression. Subsequent annealing of the specimens causes a renewed 
increase of density. It is also known that the heat of solution of a 
metal, and its behaviour in a voltaic cell, depend on the treatment 
which it has previously undergone. But whilst these may be regarded 
as examples of polymorphism, another explanation is possible, for it 
is very probable that any deformation of a metal is a manifestation 
of melting produced by unequal strain, and that with the removal of 
the strain the liquid portions do not immediately return to the crystal¬ 
line, solid form. 

In other more definite instances of polymorphism the different 
varieties arc found to have distinct and different physical properties. 
Each possesses its own crystalline form, melting point, rate of expansion, 
conductivity for heat and electricity, colour, etc. ; but although the 
chemical behaviour and reactivity arc often dependent on the physical 
state of the substance, yet the ultimate products of chemical change 
are the same, as for example in the combustion of the various forms 
of carbon with oxygen. 

Types of Allotropy or Polymorphism. 

Three such types are known. 

1. Enantiotropic Substances. —The different forms of many 
polymorphic substances can be transformed from one into the other at 



Pia. 79.—Pressure-Temperature Diagram for Sulphur. 
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definite temperatures and pressures representing the transition points, 
just as ice can be melted at 0° C. and water boiled at 100® C. under 
atmospheric pressure. In illustration of this the case of sulphur may 
be cited. This element can exist in a variety of different crystalline 
forms, of which the rhombic and monoclinic forms arc the most 
important. At temperatures above 95*5® C. the latter is the stable 
variety, but when the tcmj>erature falls below 95-5® the monoclinic 
form commences to change into rhombic sulphur. 9.5-5® C. is therefore 
known as the transition temperature, and at this point the two 
polymorphous forms are mutually transformable. This type of ])oly- 
morphism is termed enantiotropism (Greek enantios^ o})posite), inasmuch 
as the polymorphous forms arc directly interconvertible and exhibit a 
transition point. The transition point B lies below the melting point 
of each form, () and C', as indicated in fig. 79, which gives the pressurc- 
tem]>erature diagram for sulphur. Rhombic sulphur melts at 112*8® C. 
(point (), fig. 79), monoclinic sulphur (point C) at 119-2® C. (p. 92). 

The following is a list of well-marked cases of enantiotropic poly¬ 
morphism among inorganic substances : 


8 ub8tance. 

Form. 

Transition 
Point, "0. 

( 

.... 

7()9-0 

Iron . . 

.... 

9000 

1 

y 8 . . . . 

140 to 

Suli)hur . 

Rhombic Monoclinic 

95-5 

Tin . . . 1 

(ircy White (tetragonal) . 

130 

White Rhombic 

c. 170 

Zinc . . 

1111 

c. 174 

322-0 

Ammonium chloride . 

.... 

184-5 

1 

tt-Rhombic j8-Rhombic 

- 17-0 

Ammonium nitrate . \ 

^-Rhombic y-Rhombic 

y-Rhombic Rhombohedral 

32-1 

84-2 

{ 

Rhombohedral Regular . 

125-2 

Mercuric iodide 

Tetragonal Rhombict 

127-0 

Potassium nitrate 

Rhombic Rhombohedral . 

129-5 

Potassium sulphate . 

a . . . . 

583-0 

Silver iodide 

Hexagonal Regular 

140-5 

Silver nitrate . 

Rhombic Rhombohedral . 

159-5 

Thallous nitrate .| 

Rhombic Rhombohedral . 

Rhombohedral Regidar . 

72-8 

142-5 

Thallous picrate . i 

Red 5?^ Yellow . 

40-0 


2. Monotropic Substances. —Some substances exist in two or 
more forms which are not directly interconvertible and do not exhibit 
a transition point. 

In 1855 Gore observed that when a concentrated solution of 
antimony trichloride in hydrochloric acid is electrolysed, using a 
platinum wire as cathode and a piece of antimony as anode, a deposit 
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of distinctly metallic appearance is formed on the cathode, which 
becomes strongly heated when scratched, the metal being converted 
into powder by a kind of explosion, whence the name “ explosive 
antimony.” This is due to the fact, established by Cohen, that 
antimony can exist in two varieties, termed a- and jS- respectively. Of 
these the a-form is stable at ordinary temperatures, the being 
metastable. It is this j8-variety that is formed during electrolysis 
and, upon mechanical excitation, it is transformed into the stable 
a-form with evolution of heat, llic j8-form contains some dissolved 
or occluded antimony trichloride, in consequence of its method of 
preparation, and the heat of transformation of the antimony causes 
this to vaporise suddenly, giving rise to the explosive effect. 



Fig. 80.—Showing Monotropic Polymorphism of Antimony. 


The heat evolved in the transformation of to a-antimony is 
20 gramme-calories per gramme. Taking the specific heat of antimony 
as 0‘05, the theoretical rise in temperature would be 20 ”0*05 or 400"" C. 
In practice this is not attained, owing to loss of heat, mainly by con¬ 
duction and radiation, but the temperature rises sufhcicntly to volatilise 
the enclosed antimony trichloride, which boils at 225® C. The reaction 
is not reversible, and it is assumed that the transition point lies above 
the melting points of the a- and j3-forms, as shown in fig. 80. 

In cases like this the polymorphism is said to be monotropic (Greek 
monos, one ; tropos, direction). Many other examples arc known. The 
two varieties of iodine monoehloride may be mentioned ; the stable 
a-ICl melts at 27*2° C., and the metastable j3-ICl at 13*9® C, In 
addition to the two well-known enantiotropic forms of sulphur, several 
other varieties have been described which are not reversibly trans¬ 
formable. Two forms of phosphorus also are known, which are often 
placed in this category, namely red and white, the latter being 
metastable. 

It is conceivable that by raising the pressure enantiotropy might 
be induced. In that case the same pair of polymorphs would exhibit 
monotropy or enantiotropy, according to the pressure obtaining at the 
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time. It may, on the other hand, so happen that, in certain cases of 
presumed rnonotropy, the transition point lies very much below the 
melting point and has not been realiseid experimentally for this reason. 
Possibly this is the ease with the two forms of j)hosphoriis, and with 
graphite and diamond. This is termed pseudomonotropy,, and is 
really a special ease of enantiotropy. 

3. Dynamic Allotropy.—In the two preceding cases of solid poly¬ 
morphic forms, the various varieties cannot exist in contact (exee})t at 
a transition point), one form always being stable, and the other, the 
mctastablc, tending to change into it. Quite different, however, is the 
behaviour of the three liquid forms of sulphur, known respectively as 
Sa, and which exist together in equilibrium in definite proportions 
depending on the temperature. The phenomenon is known as dynamic 
allotropy. 

These three forms of liquid sulphur, of which Sa is yellow and mobile, 
and brown and viscous, are present in molten sulphur, the amount 
of being small near the melting jmint, but rising steadily with the 
temperature to a maximum of about 37 per cent, at the boiling point. 
The percentages of these allotropes present when equilibrium has been 
attained are as follows : 


Temperature, °C. 

120 

140 

180 

220 

445 

Sa . 

96-4 

93 7 

73-1 

G2-7 

591 

. 

01 

1*3 

20-4 

32 0 

36*9 

s. . 

3-5 

50 

6-5 

5-3 

4 0 


The freezing point of sulphur accordingly varies with both the 
nature of the solid phase that separates and the percentage of and 
S;r in the liquid. Unless the liquid has been ke})t near the freez¬ 
ing point for a suirieiciit length of time to enable equilibrium to be 
established, the percentage of and contained by it will vary 
according to circumstances. This type of allotro[)y is due to the 
existence of molecules of different complexity. Thus, in the ease of 
sulphur, Sa probably corresponds to the molecule Sg, to Sg, and 
possibly to S 4 . 

Dynamic isomerism, or tautomerism, which is closely allied to 
dynamic allotropy, is discussed on p. 208. 

Physically Pure Specimens. —Owing to the persistence of certain 
phases in regions outside their ordinary range of stability, a substance 
capable of exhibiting allotropy or polymorphism may not, at any one 
temperature, be physically pure. In the table on p. 179 reference is 
made to j 8 -iron. At one time this was believed to be a definite allotropic 
form of iron. It is now usual to regard it as a solid solution of y-irou 
in a-iron ; in other words, the assumption is made that when iron cools 
below what is known as the A 3 point (906° C.) the conversion of y-iron 
into a-iron is not quite complete, some y-moleeulcs remaining dissolved 
until the Ag point (769° C.) is reached, at which point the transformation 
is completed, a-iron alone remaining. Nevertheless it is found con¬ 
venient to retain the name j3-iron to indicate that particular phase of 
the metal between the Ag and A 3 points. 

E, Cohen (1929) has very usefully drawn attention to the difficulty 
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of ensuring that specimens are physically pure, and points out how 
important this matter is for those engaged in the determination of 
physical constants. When a-silver iodide is converted to the j3-form, 
there is a shrinkage in volume, which has been determined by many 
independent investigators, with widely differing results. These results 
differ far more than can be aeeounted for as due to errors of observation, 
the reason being that physically pure specimens were not being 
examined. A few observations are given below : 


Observer. 

Volume Change, 
c.e. per kilogram. 

Rodwx'll, 1882 

- 3-4 

Mallard and Le Chatelier, 1884 

-19*3 

Tammaim, 1911 

-100 

Benedicks, 1912 

- 91 

Bridgman, 1915 

- 86 

Cohen, 1928 .... 

- 9-4 


The extreme variation is nearly 600 j)er cent.! Cohen examined w^hat 
he believed to be a physically perfectly pure specimen. 

Thallous picrate changes at 46° C. from the red to the yellow form. 
Now' if the temperature of the supernatant liquid over the yellow 
crystals is allowed to fall somewhat below' 40° C. red crystals separate 
out amongst the yellow'. For many months these two types of crystals 
w'ill remain together at the temperature of the room, the red being 
stable and the yellow metastable ; the rate of change of the yellow into 
the red is so small that the two forms appear to be stable. 

Ordinary rhombic sulphur affords another example of the difficulty 
of obtaining a physically pure specimen. Even when obtained by 
crystallisation from carbon disulphide the octahedral crystals contain 
some y- and 7 r-sulj)hur in solid solution, and the observed slight varia¬ 
tion in the crystallographic elements is attributable to this, as also the 
variation in the results obtained for the density of the crystals. 

Some metals when quenched from a high temperature by plung¬ 
ing into water are found to remain for prolonged periods, sometimes 
several weeks, at a temperature very slightly above the normal. This 
has been shown by connecting a quenched and an annealed specimen 
with a thermo-element when kept in a thermostat. The difference in 
temperature may be as much as 0-1° C., several gramme-calories of 
heat being evolved per day in consequence of the quenched specimen 
being metastable and slow'ly changing, with heat evolution, into the 
stable form (Majorana, 1928). As a typical example consider a block 
of white tin weighing 300 grammes. On being wholly transformed into 
the grey variety at 0° C. it would evolve 1350 gramme-calories. If it 
lost 12 calories per day, which may be regarded as typical, it would take 
135012 days, or approximately 4 months, to transform completely. 

Analogies between the Melting Point and the Transition 
Point. —The analogies between the melting point and the transition 
point may be stated as follows ; 

1. The transformation occurs at a perfectly definite temperature in 
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both eases, and marks a change of phase in either case. So definite is 
this temperature that transition points, like melting points, may be 
used as fixed points in thermometry. Potassium sulphate (p. 179) 
affords an example. 

2. Both melting point and transition point depend on the pressure. 
An illustration of this has already been given in connection with the 
melting point. The following table provides a similar illustration of 
the effect of pressure on the transition point of rhombic and monoclinic 
sulphur: 


Effect of Pressure on the Transition Point of Sulphur. 
(Tammann, 1899.) 


Transition 

Point. 

Pressure. 

Transition 

Point. 

Pressure. 

95-5^ C. 
10011'^ C. 

110 r. 

1 atmosphere 

123 kilos, per sq. cm. 
391 „ 

120 01° C. 
1401° C. 
1501° C. 

038 kilos, per sq. cm. 
1108 „ 

1350 „ 


The transition point is, like the melting point, either raised or lowered, 
according to circumstances. In the case of sulphur, iron, mercuric and 
silver iodides, which expand during transition, the transition point is 
raised by increasing the pressure. On the other hand, the transition 
point of y-rhombic ammonium nitrate into the rhoinbohedral form is, 
like the melting point of ice, lowered by pressure, as contraction occurs 
during transition. 

3. Heat is absorbed or evolved at the transition point according to 
the direction of the change. The form stable at the higher temperature 
always passes into that stable at the lower temperature wdth evolution 
of heat, in accordance with Le Chatelicr’s Theorem (p. 23), and the 
reverse change occurs during the heating process. Evidence of these 
facts is afforded by the horizontal portion always observed in the cool¬ 
ing curve. When ^-iron passes into a-iron, a considerable amount of 
heat is disengaged, and the transition point is known widely as the 
“ recalescence point,” There is therefore a latent heat of transforma¬ 
tion just as there is a latent heat of fusion. 

4. Both melting point and transition point are affected by the pre¬ 
sence of foreign substances, being lowered as a rule thereby. The 
presence of carbon in iron thus lowers the transition temperatures of 
(carbon) steels. Moreover, the extent of the depression depends on the 
number of foreign molecules present, and not on the kind. 

Differences between Melting Point and Transition Point.— 
These may be summarised as follows : 

1. Whilst the melting point involves a solid and a liquid phase, 
transition points usually are concerned with two solid phases, although 
examples of transition are known in a few cases amongst pure liquids 
(p, 187). Neglecting these latter, however, it is evident that the rate 
of transformation of one phase into another at the transition point will 
be slow compared with the rate at which melting takes place, as the 
molecules in the latter case are held together less rigidly. 
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2 . It is well known that a liquid can be cooled considerably below 
its normal freezing point. In like manner, monoclinic sulphur may be 
preserved for some time at temperatures far below its transition point, 
and the same holds good for other substances, especially if cooled 
rapidly. But there is this difference that, whilst monoclinic sulphur 
may be kept for a prolonged period below' its transition i)oint without 
change occurring, rhombic sulphur may just as readily be maintained 
aboA'e the transition point without transformation into monoclinie 
sulphur commencing ; and this superheating is not peculiar to rhombic 
sul})hur alone, but is exhibited by other substances. The superheating 
of a solid above its melting point, however, is of very rare occurrence. 

Any substance cooled below its transition point remains for a time 
in wdiat is knowm as the metastable state. Before the stable variety 
can be produced, the substance must pass through the unstable state, 
wdiich can best be brought about by the addition of a trace of the form 
which is stable. The previously suspended transformation now" begins 
immediately, for the nietastablc condition cannot be maintained in the 
presence of the stable phase of the substance. Transition from mono- 
clinic to rhombic sulphur, on cooling, can be assisted therefore by the 
addition of a small amount of the rhombic form ; so also the trans¬ 
formation of wdiitc into grey tin, wdiich otherwise occurs only very 
slowdy at ordinary temperatures, by adding a trace of grey tin. 

The Determination of Transition Points. 

All methods proposed for the determination of transition points 
depend on the study of some particular physical property of the sub¬ 
stance under investigation w"hieh undergoes a marked ^^iiange when the 
transition point is reached, 

1. The Cooling Curve Method.—If w'ater be continuously cooled 
and the temperature be plotted against the time, the cooling curve so 
obtained will show a horizontal portion where freezing occurs, corre¬ 
sponding to the fact that the temperature remains constant during a 
change of phase. 

Since at the transition point a change of phase also oc'curs, from one 
solid to another, a cooling curve of similar form may be expected, on 
which the horizontal portion w'ill mark the transition temperature. 
When, for example, a piece of pure iron is allowed to cool from its 
melting point, 1535° C., to 0° C., its time-temperature (*ooling curve 
exhibits three breaks or arrests, designated by the symbols Ar^, Ar^ 
and Arg, respectively. If the iron contains carbon, preferably about 
0*25 per cent,, a fourth arrest is observed, designated Ar^ on the cooling 
curve (and Acj on the heating curve). Ar^ occurs at approximately 
600° C., and is generally recognised as due to a change in the condition of 
the carbide of iron, known as cementite, which, at higher temperatures, is 
held in solid solution, but at the Ar^ point begins to separate out as a 
eutectic mixture of cementite and ferrite under the name of pearlite, owing 
to its pearly appearance under high magnifications. W^e are concerned 
at the moment, however, with the three arrest points Ar^, Ar^ and Arg, 
which are caused by the evolution of a small amount of heat consequent 
upon allotropic change taking place within the iron. At the Arg point, 
which was the first to be discovered, the evolution of heat is suflicient 
to raise the temperature of the iron by an appreciable amount, causing 
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it to glow more brightly. This phenomenon is termed recalescence. 
Similarly, on reheating the metal, three arrests due to heat absorption 
are observed at temperatures denoted by Aeg, Ae 3 and Ae 4 (c^chaud, 
warm). The points oeeur approximately at the following temperatures : 

Acg 770" C. Ae3 910" C. Ae^ 1404" C. 

Arg 700" C. Arg 890" C. Ar4 1401" C. 

The Ac points thus are slightly higher than the corresponding Ar 
points, but they are believed to be due to the same phenomena. The 


-^2 -^3 

769" 906" 


Melting* 
A 4 Point 
1404" 1535°C\ 


cc ? y 

Fig. 81.—Illustrating the Allotropic Forms of Iron. 


divergence is explained by assuming a certain amount of inertia or 
resistance to change exists, known as lag, which tends to lower the 
temperature of arrest during cooling and probably raise it slightly 
during heating. These results are taken to mean that iron exists 
in three aIlotro])ie forms, known as a-, y- and S-iron (or ferrite), the 
ranges of existence of which arc given by the above scheme (fig. 81). 

As we have seen iilreadv 


(p. 181 ), the ^-form is be¬ 
lieved to be a solid solution 
of y- in a-ferrite. X-ray 
examination has eonfirmed 
the view that a-ferrite has a 
different structure from y-fer- 
rite, and that allotropy there¬ 
fore exists. 

The transition point of 
ammonium chloride was de¬ 
termined by Smith (1919) 
with the aid of the apparatus 
shown in tig. 82. The ap¬ 
paratus was exhausted and 
sealed. After standing for a 
prolonged period to ensure 
thorough desiccation, the 
tube containing the am¬ 
monium chloride was heated 
in a bath and from the heating 
curve the transition temper¬ 
ature was ascertained (184-5" 
C.). The result was the same 
with ordinarily dry ammon¬ 
ium chloride as for the 



highly desiccated material. Considerable lag was observed on cooling. 
2. The Dilatometric Method.—In this method the rate of 


expansion with temperature is noted. The substance is contained in 
a dilatometer (a glass bulb with a long capillary stem), and covered 
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with a liquid in which it is relatively insoluble. The stem is calibrated, 
and the rate noted at which the liquid expands as the dilatometer is 
slowly heated. At the transition point there is a marked change in 
the rate of exj>ansion, as indicated by the portion IIC on the curve 

(iig. 83). Observations are repeated as 
the temperature slowly falls to the initial 
value. 

A lag in undergoing transformation is 
usually observed, due to superheating 
when the temperature is being raised, or 
to supercooling if the temperature is being 
lowered, so that two branches, ABC and 
CDA, are obtained, from which the mean 
value of the transition point is calculated. 

Instead of observing the temperature 
at which a marked change in volume 
Temperature occurs, the method may be modified by 

Via. 83.-Ill«8trating Dilatometric introducing both allotropic or polymor- 
Determination of Transition Point, phic forms into the dilatometer, and noting 

the tcnq)erature at which no volume 
change occurs. This method was adopted by Hcicher (1884) when 
determining the transition temperature of rhombic to monoclinic 
sulphur. A mixture of carbon disulphide and turpentine was used as 
the indicating liquid, and both rhombic and monoclinic sulphur were 
introduced into the dilatometer bulb. At temperatures below 95 5° C. 
the liquid indicated a contraction in volume, as monoclinic sulphur 
changed into rhombic sulphur. Above 95*5® C. expansion occurred, 
indicating the reverse change. At 95-5® C. no alteration in volume took 
place ; both phases were in equilibrium. This was taken as the 
transition temperature. 

3. Electrical Methods.—If two pieces of the same metal in the 
same condition are immersed in an electrolyte and the metals connected 
together so as to form a closed circuit, no current passes, the E.M.F. 
of the cell being zero. If, however, the pieces of metal exist in different 
polymorphic forms, the cell has a definite, though small, E.M.F. At 
the transition point, however, where the two forms are in equilibrium, 
the difference of potential between each metal and the solution is the 
same, and, since the potentials act in opposite directions, they neutralise 
each other, the E.M.F. of the cell becoming zero. 

Cohen and van Eyk (1899) determined in this manner the transition 
point of grey tin into the white or tetragonal variety. They employed 
a cell containing a strip of white tin and a strip of white tin whose 
surface had been transformed into grey tin, the electrolyte in the cell 
being ammonium stannic chloride. The cell was immersed in a bath 
the temperature of which was altered until the E.M.F. was zero. The 
transition temperature is 13® C., below which white tin dissolves in 
the electrolyte, being metastablc. In very cold weather, therefore, 
there is a tendency for ordinary tin to change over into the grey variety; 
but unless the temperature is very low, the rate of change is exceedingly 
slow, reaching a maximum at about - 50® C, and then diminishing again 
(fig. 84). 

Aristotle (b.c. 884 to 822) spoke of tin “melting” at low tem¬ 
peratures, and probably referred to this change. During the extremely 
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severe winter of 1867 to 1868 in Russia, blocks of tin, which had been 
stored in the Customs House at Petrograd, were found to have crumbled 
and disintegrated into a grey tin. The change was not understood at 
the time. In our climate, for obvious reasons, this trouble, known 
variously as “ tin pest ” and “ museum sickness,” is not often 
encountered. 



Fio. 84.—The Rate of Transformation of White Tin into Grey Tin 
(Cohen and van Eyk, 1899). 

4. Change in Solubility.—This is often a convenient method of 
detecting polymorphic changes, although it does not give a very 
accurate indication of the exact transition point. The type of curve 
obtained is illustrated by that shown in fig. 140 (p. 367) for ammonium 
nitrate. 

5. Miscellaneous Methods.—Other methods depend on noting 
any change in colour, as in the cases of silver and mercuric iodides 
and thallous pierate; watching under the microscope a change in 
crystalline form (the so-called “ optical method ”); measuring the 
vapour pressure; determining the conductivity for heat or 
electricity; noting changes in viscosity (p. 250) or resistance to 
indentation. This last-named method has been used to detect the 
transition of a- to )3-zinc. 

Transition Points in Pure Liquids.—It is not often that a pure 
liquid shows transition points, but an interesting example is afforded 
by nitrobenzene. When its density and dielectric constant are plotted 
against the temperature, breaks sometimes occur in the curves at 9’5°C., 
showing that the liquid can exist in two modifications, one of them stable 
below this temperature and one stable above. The cooling curve 
similarly shows discontinuity and points to the same conclusion (Mazur, 
1980). So-called “ liquid crystals ” (p. 136) likewise show transition 
points. 
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Chemical Crystallography, 

Isomorphism.—That different ehemieal entities frequently yield 
very similar kinds of crystals has been known for many years. Thus 
in 1772 Home de ITslc was aware that mixed solutions of copper and 
ferrous sulphates will crystallise after the same form as those of pure 
ferrous sulphate, whereas a pure copper sulphate solution yields crystals 
of quite a different shape. In 1784 Leblane drew attention to the fact 
that crystals of jiotassiuni aluminium sulphate may contain considerable 
quantities of iron and yet retain the same crystalline form ; and in 1816 
Gay-Lussac made the remarkable observation that a crystal of potassium 
alum will grow readily in a solution of ammonium alum, from which he 
concluded that the molecules must have a similar form. In 1819 
Eilhardt Mitschcrlich, after a careful study of the arsenates and phos¬ 
phates of certain metals, enunciated his famous Law of Isomorphism, 
according to which : 

Substances jwssessing an equal number of atoms united in a similar 
manner exhibit identitif of crystalline form. 

This law was at variance with the current view, originated by Haiiy 
in 1784, that every substance of definite chemical composition was 
distinguished by its owti particular crystalline form, and it was soon 
found that Mitscherlich’s law was only approximately true. Thus, for 
example, copperas, pisanite and boothite possess a similar eonstitutiou 
and are regarded as isomorj^hous, although their crystal elements show 
a small, but decided, fluctuation. These elements are as follows : 



---- 

a: b : c. 

p- 

Copperas, FeS04.71Io0 

Pisanite, (Fc, Cu)S 04 . 7 H 20 
Boothite, (’uS 04 . 7 ir 20 

M828 : 1 : L5427 

1 1070 : 1 : 1 5195 
M022 : 1 : L500() 

75” 44' 
75” 80' 
74” 24' 


It has now been completely established, mainly through the extensive 
researches of Tutton, that Ifauy’s hypothesis is perfectly correct, and 
that all the so-called isomorjihous substances exhibit definite differences, 
although in many cases these differences are relatively small. At the 
same time Mitscherlieh’s principle of isomorphism, with a not too rigid 
interpretation, has proved, as will be seen presently, of great value to 
chemistry. 

Recognition of Isomorphism.—Had the early belief of Mitscher- 
lich that isomorphous bodies possess identical crystalline form proved 
to be correct, the recognition of isomorphism would have been an easy 
task ; but from what has been said it will be evident that a mere study 
of crystalline form cannot of itself determine isomorphism. Thus, the 
sulphates of copper and iron referred to above are regarded as iso¬ 
morphous, although their characteristic angles exhibit a difference of 
more than one degree. On the other hand, sodium nitrate and calcite 
have nearly the same crystallographic elements, but are not regarded 
as isomorphous by some crystallographers. Similarly, substances crys¬ 
tallising in the regular system have the same crystallographic elements, 




THE CRYSTALLINE STATE. 189 

but are not to be regarded as isomorphous unless, like the alums, they 
possess a similar chemical constitution. 

Again, it docs not follow that substances must contain the same 
number of atoms in tlieir molecules in order to be isomorphous, as was 
postulated originally by Mitsehcrlich. The ammonium salts, which have 
been made the subject of careful study by Tutton, are cases in point, 
for the replacement of the two atoms of potassium by the ten atoms of 
the ammonium grou])S is accompanied by an effect cornj)arable with that 
produced when two atoms of rubidium or ca'sium are substituted for 
those of potassium. This is well illustrated by the monoclinic double 
sulphates M 2 SO 4 .FCSO 4 .CII 2 O, as the following data show : 


Crystal Elements of Double Sulphates. 

(Tutton, 1013.) 


Sulphate. 

Atomic 
Number 
of Alkali 
Met ill. 

a : b : c. 

p- 

Ferrous ammonium 


0 7377 : 1 : ()• 1000 

100 ^ 50' 

,, })ot.assium . 

19 

0-7377 : 1 : 0-5020 

104' 32' 

,, rubidium . 

j 37 

0-7377 : 1 : 0-5004 

105^ 44' 

,, cicsium 

55 

0-7201 : 1 : 0-4953 

100° 52' 


The axial ratios for the rhombic sulphates of j)otassium, rubidium 
and caesium are given by Tutton as follows : 


Anhy drous Sulpha tc. 

Atomic Number 
of Alkali 
Metal. 

a : b : c. 

K 2 SO 4 

19 

0-5727 : 1 : 0-741S 

Ilb 2 S 04 

37 

0-5723 : 1 : 0-7485 

CS 2 S 04 

55 

0-5712 : 1 : 0-7531 


It will be noted that in both tables the order of the axial ratios is the 
same as that of the atomic numbers. 

More recently the following groups of salts have been shown to be 
isomorphous: 


(i) Rhombic (Curjel, 1929): 

K 2 BeF 4 and 
(ii) Miscellaneous (Ray, 1930): 

NiS04.7H20 and 
CUSO4.5H2O and 
C0SO4.6H2O and 


K2SO4. 

NiPOaF.TlIgO. 

CuP03F,5H20. 

CoPOaF.OHaO. 
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(iii) Alums and 

K3BeF4.Al2(S04)3.24H20, 

K2Zn(l4.Al2(S04)3.24ll20, 

(NH4)2P03F.Al2(S04)3.24H20, 

(NH4)2P03F.Al2(P03F)3.24H20. 

(iv) Derivatives of heteropolyacids (Copaux, 1908). The following, 

for example, are hexagonal : 

()K20(3n20.24W03).8r)H20, 

5K20(R203.24W03).30H20, 

4K20(2Si02.24W03).36ll20. 

What, then, is the criterion to be adopted in order to recognise iso¬ 
morphism ? The evidence is cumulative. 

1. The crystal elements should be closely similar numerically. 

2. According to Kopp (1879) and Retgers (1889) two or more 
substances are to be regarded as isomorphous when they are capable 
of yielding mixed crystals —that is to say, crystals in which the 
components may be made to occur in varying proportions. It is not 
usually possible to obtain a complete scries of “ mixed crystals ” of 
any two isomorphous substances, but it is often possible to obtain a 
limited series. This is the case with the chlorides of potassium and 
ammonium, “ mixed crystals ” being obtainable only when one of the 
components is in considerable excess of the other. The sulj>hates of 
potassium and ammonium, on the other hand, yield a very complete 
series of “ mixed crystals,” which is all the more remarkable inasmuch 
as in ammonium sulphate the ten atoms of the two ammonium groups 
are equivalent to the two potassium atoms in potassium sulphate. 

The term “ mixed crystals ” is not a happy one. It does not mean 
a mechanical mixture of crystals such as would be obtained on mixing, 
for example, crystals of sodium chloride and potassium permanganate. 
The “ mixed crystals ” possess a homogeneous structure. 

A close connection exists between the power to form “ mixed 
crystals ” and the molecular volumes of the substances, and it appears 
that in an isomorphous series of substances only those members yield 
“ mixed crystals ” the molecular volumes of which are closely similar. 
Evidently, therefore, it is possible to have, on the one hand, isomorphous 
substances incapable of yielding “ mixed crystals ” and, on the other 
hand, “ mixed crystals ” from substances that are not truly iso¬ 
morphous. Exceptions, however, are very uncommon, 

3. Mention has already been made of Gay-Lussac’s observation 
that a crystal of potassium alum will readily grow in a saturated 
solution of ammonium alum and retain its same characteristic shape. 
This is known as isomorphous overgrowth, and was regarded by 
Kopp (1879) as a reliable test for the isomorphism of any two or more 
substances. Like the power of yielding “ mixed crystals,” however, 
that of exhibiting isomorphous overgrowth is possessed by bodies 
which are not necessarily isomorphous, but which have almost identical 
molecular volumes. Consequently this test is insufficient by itself, but 
exceptions are rare. 

When the molecular volumes of two isomorphous substances are 
approximately equal, it is possible to obtain regular or “ parallel ” 
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growths of one substance upon the other. For example, when a drop 
of a saturated solution of potassium permanganate is placed on a 
perfectly clean face of a crystal of potassium perchlorate and allowed 
to evaporate, numerous minute crystals of potassium permanganate 
are observed to form, having their corresponding edges arranged as. 
nearly parallel to one another and to the corresponding edges of the 
perchlorate crystal as it is possible to expect when the slight angular 
differences between the permanganate and perchlorate are recalled. 

4. The removal of supersaturation (p. 870) is frequently re¬ 
garded as evidence of isomorphism, although this is not an infallible 
test. 

Generally speaking, therefore, if two or more substances possess a 
similar or amalogous chemical structure, are capable of yielding “ mixed 
crystals,” of exhibiting isomorphous overgrowth and of removing 
supersaturation, they may be regarded as isomorphous. As recognised 
in this way, ison\orphism has in the ])ast proved very helpful in deter¬ 
mining atomic weights (vide infra). It is usually considered necessary 
that two substances should belong to the same crystal system before 
they can be regarded as isomorphous, but they need not of necessity 
belong to the same class. In exceptional cases, however, it is possible 
to make out a good case for the isomorphism of substances belonging 
to different systems. 

Isopolymorphism. — Many substances are capable of existing in 
a variety of crystalline forms. Now, it frequently happens that two 
or more polymorphs of one substance are isomorphous with i)olymorphs 
of another substance. This phenomenon is ki^own as isopolymorphism. 
When the number of isomeric polymorphs is two, the term isodi¬ 
morphism is usually employed; if three, isotrimorphism. As 
might be expected, isodimorphism is the most usual type of isopoly¬ 
morphism, and a good example of this is afforded by arsenious and 
antimonious oxides. For a long time these were known only in one 
form each, not isomorj)hous, the arsenious oxide occurriTig in octahedra 
as the mineral arsefiolite, and the antimonious oxide in rhombic crystals 
as the mineral valentmite. In view of the close chemical similarity 
between the two oxides this appeared remarkable, and it was to be 
presumed that other varieties of the two oxides existed isomorphous 
with those then known. In 1832 Wohler observed that arsenious 
oxide in the sublimate from a cobalt roasting furnace sometimes 
occurred as rhombic prisms, isomorphous with the usual rhombic 
antimonious oxide. Claudet likewise found the same modification in 
a Portuguese mineral, now known as claudetite. Finally, the mineral 
senarmontitc was discovered, in which antimonious oxide occurs as 
octahedra, isomorphous with arsenoliie. The two oxides are therefore 
isodimorphous. An example of isotriniorphism is afforded by the 
dioxides of tin and titanium. The three crystalline dioxides of tin, 
namely the natural tetragonal cassiterite and two other forms prepared 
artificially, arc isomorphous with rutile (tetragonal), hrookite (rhombic) 
and anatase (tetragonal), respectively, which are the corresponding 
natural dioxides of titanium. 

Isomorphous Series.—Elements that replace one another isomor- 
phously in their compounds are termed “ isomorphous elements,” 
although it often happens that the free elements themselves are not 
isomorphous. Adopting this convention, it is possible to arrange the 
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elements into ten isomorphous series. The following is Arzruni’s (1893) 
arrangement, with one or two additions : 

I. II, K, Rb, Cs, (NH 4 ), T1; Na, Li, Ag. 

II. Be, Zn, Cd, Mg, Mn, Fe, Os, Rii, Ni, Pd, Co, Pt, Cu, Ca, Sr, 
Ba, Pb. 

III. La, Ce, Pr, Nd, Sm, Eu, Gd, Tb, Dy, Ho, Y, Er, Tm, Yb, 

Ln, Bi. 

IV. Al, Fe, Cr, Co, Mn, Ir, Rh, Ga, In, Tl. 

V. Cn, Hg, Pb, Ag, An. 

VI. Si, Ti, Ge, Zr, Sn, Pb, Ce, Th, Mo, Mn, U, Rn, Rh, Ir, Os, Pd, 
Pt, Te (?). 

VII. N, P, As, Sb, Bi, V. 

VHL Nb, Ta. 

IX. S, Se, Cr, Mn, W ; Tc (?), As, Sb. 

X. F, Cl, Br, I, Mn, (CN). 

It will be observed that all the best known elements are included in 
this classification, save oxygen, carbon, boron and scandium. Several 
of the elements a|)pear in two or more series. Manganese is a case in 
point, occurring in Series II, IV, VI, IX and X, since its variable 
valency affords it special facilities for yielding different types of chemical 
compounds with correspondingly different crystalline structures. Tluis, 
as divalent manganese in MnO we have isomorphism with CaO, FeO, etc. 
Trivalent manganese yields alums isomor])hous with those containing 
aluminium and ferric iron, and so on. Further, the above grouping 
affords considerable vSup]K)rt to the usually aceej)ted periodic arrange¬ 
ment of the elements (see Chapter XVI). Thus, the inclusion of silver in 
the first group of the Periodic Tabic is supported by the isomorphism of 
the sulphates and sclcnates of sodium and silver ; the isomor}>hism of 
the chromates and sulphates of several metals justihes the; inclusion of 
chromium in the sixth group along with sulphur ; and linally the 
isomorphous resemblance betw^een KCIO4 and KMn04 indicates that 
manganese is correctly placed in the seventh group along with the 
halogens. 

Applications of Mitscherlich’s Law.—A study of isomorj)hism 
has frequently been of assistance in determining the atomic weight of 
an element when its equivalent weight has been known. 

Selenium ,—The occurrence of this element in Swedish pyrites led 
Berzelius to its discovery in 1817 in the deposit formed in the lead 
chambers of a sulphuric acid plant. Berzelius observed its close 
resemblance in chemical properties to tellurium. Mitscherlich con¬ 
cluded that potassium sulphate and potassium sclcnatc arc isomorphous, 
and application of his Law of Isomorphism indicates that, if K 2 SO 4 
represents the constitution of the former salt, K 2 Se 04 must indicate 
that of the latter. Now, simple analysis has shown that the selenate 
contains 28*92 per cent, of oxygen and 35*79 per cent, of selenium. 

Hence for every 64 parts of oxygen (4 atoms) it contains 64 x — = 79*2 

2o*92 

parts of selenium (one atom). Thus the atomic weight of selenium is 
79*2. 

Silver ,—Prior to 1836 the atomic weight of silver was taken as 
216, but that of copper as 63. In 1837 J, B. Dumas showed that 
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chalcocite, CugS, and aeanthite, then written a'S AgS, were isomorphous, 
both being rhombic. If, therefore, the formula for chalcocite is correct, 
that for aeanthite should be AggS, the atomic weight of silver falling to 108. 

Zirconium.—Y oy many years zirconium was regarded as trivalent 
(p. 132), but the determination of the vapour density of its chloride 
in 1857 suggested its tetravalency. This was confirmed by Cleve, 
who showed that the following salts arc isomorphous: KgSnFg, 
KgSiFg and KgZrF^. Zirconium, therefore, must be tetravalcnt like 
tin and silicon. 

Vanadium ,—Berzelius assumed in 1831 that vanadium, like sulphur, 
yielded an oxide VO 3 , its atomic w’^eight being approximately 6 xlO-2 
or 61. In 1868 Roscoe pointed out that the following minerals had 
been shown by Rammelsbcrg (1856) to be isomorphous, but were not 
at that time represented by analogous formuhe : 

Vanadinite, 3 Fb 3 ( V03)2.PbCl2, 

Mimctitc, 3 Pb 3 (As 04 ) 2 .PbCl 2 , 

Pyromorphite, 3 Pb 3 (P 04 Jg.PbClg. 

According to Mitschcrlich’s Law, the formula for vanadinite should be 
similar to those of the other minerals. The formula for vanadic 
anhydride should thus be V 2 O 5 , corresponding to AsgOg and PgO^, and 
not VO3. Roscoe was able to show^ that sucdi was definitely the ease, 
and that the substance regarded by Berzelius as vanadium was in fact an 
oxide, VO, The formula for vanadinite thus becomes 3 Pb 3 (V 04 ) 2 .PbCl 2 
and the atomic weight of vanadium 5 x 10*2 or 51 (approx.). 

Beryllium,—1 l\\q difliculty of deciding whether beryllium is divalent 
or trivalent is referred to on p. 332. Mendeleeff assumed it to be 
divalent, as he could then find a suitable place for it in his Periodic 
Table. This was subsecpiently confirmed by a determination of the 
specific heat, and further confirmation was afforded when, in 1887, 
Mallard observed that crystallised bcryllia is isomorphous wfith 
crystallised zinc oxide, ZnO, and must, therefore, have a similar 
structure. 

An interesting illustration of the application of crystallographic 
data to determine the constitution of a mineral is afforded by ilmenite, 
or titanic iron ore. The mineral takes its name from the Ilmen Moun¬ 
tains. The formula may be written as FcgOg.TigOg or as FeO.TiOg, 
and on account of the difficulty of determining the state of oxidation 
of the titanium it is not easy to decide, from chemical considerations 
alone, which formula is correct, although the balance of chemical 
evidence appears to favour the ferrous titanite formula, FeO.TiOg. 
The mineral crystallises, however, in the trigonal system like hsematite, 
FcgOa, and artificial titanium sesquioxide, TigOg. But its axial ratio 
in no case lies between that of hsematite, c = 1*359, and titanium 
sesquioxide, c =1:316, as it might be expected to do if it were an 
isomorphous mixture of FcgOg and TigOg. This lends strong suj)port 
to the view that the mineral is ferrous titanite, FeTiOg. 

Isomerism. 

When two or more substances possess the same empirical com¬ 
position, but differ in their physical and, usually, in their chemical 

yoL. I. 13 
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properties, they are sakl to be isomeric (Crock* isos equal, meros 
part). The substances themselves are called isomerides or simply 
isomers. Several different kinds of isomerism are known, and the 
following classification is usual: 

Isomerism 


Stereo-isomerism Dynamic Valency 

I Isomerism Isomerism 


Opti(^al G comet ritual Isomerism 

Isomerism Isomerism of Complex 

Inorganic 
Derivatives 


Positioner Metamerism Ionisation Hydrate Polymerism 
Nuclear Isomerism Isomerism 

Isomerism 

Structural Isomerism of Distinct Chemical Types.—This 
occurs widely in the fields of both inorganic and organic chemistry. 
The first case to be recognised amongst inorganic substances w^as that 
of silver cyanate and silver fulminate (Liebig, 1823). The constitution 
of these salts is as follows : 

( =N—O—Ag Ag- N=C =-0 

Silver fulminate. Silver cyanate" 

(tijo-formiila). 

In the one ease the silver is attached to oxygen, in the other to nitrogen 
direct. 

A better known case is that of ammonium cyanate and urea. In 
1828 Wohler announced that merely on evaporating an aqueous solution 
of ammonium cyanate to dryness on the water bath, urea is produced 
(p. 27). This w"as an epoch-making discovery, for it showed that 
organic substances could be synthesised in the laboratory without the 
aid of a vital force such as had hitherto been ]^ostulated. Wohler 
himself realised the great importance of his discovery and delayed 
publication for three years. 

Organic isomerides are very numerous. Wcll-knowm examples are 
the aliphatic alcohols and the corresponding ethers. Thus 

CH3.CH2.OH CH3.O.CH3 

Ethyl alcohol, Dimethyl ether, 

B.pt. 78-6‘’ C. B.pt. - 24-9'^ C. 

Both physically and chemically these substances are widely different 
from each other, each behaving as a typical member of its own series. 

Isomerism of this structural kind occurs in many complex metallic 
derivatives, as, for example, the cobaltammines. If aquopentammino- 
cobaltic chloride is treated with nitrous acid, a red, unstable nitrito- 
derivative is obtained which, on standing, changes to the brown, stable 
nifrp-salt, Thu§ 


Isomerism 
of Distinct 
Chemical 
Types 


Structural 

Isomerism 
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[Co(NH 3 ) 5 .H 20 ]Cl 3 -f [Co(NH 3 ),(ONO)]Cl 2 +HC1 

Rod, unstable. 

1 

[Co(NH3)5NO,]C1, 

Brown, stable. 

The nitrito-salts arc easily decomposed by dilute acids ; those con¬ 
taining:? the nitro-group, on the other hand, are stable towards acids. 
Position or Nuclear Isomerism. —Examples of this are afforded 

% 

CH 3 .CH,.CH,C 1 and CH 3 .CHCl.CH 3 
a- Chloropropanc, ^-Chloro propane, 

B.pt. 44" C. B.pt. 36*5^ C. 

ill wliich the positions of the two chlorine atoms in the hydrocarbon 
molecule are different. Otlu‘r well-known examples are 


CH3 

CH3 


CH^ 

1 

CH3 

1 

('ll., 

1 

1 

CII3 

(1I3— ('— (11 

(IL—(11 

CH3 

1 

CH3 

CH3 


(II3 

Diiiu^tliyl- 

Tctram(‘lbyl 

B.pt. 36-2° C. 

(3thyl methane. 

methane, 

B.pt. 27-95" C. 

B.pt. 9-5° C. 


Th(‘se arc somewhat similar in their general iihysical properties, but in 
their chemical reactions they exhibit certain marked divergences. 

Amongst ring compounds isomerism is very prevalent. Consider, 
for example, the xylenes : 



CH3 

o-Xylone, m-Xylene, p-Xyleno, 

M.pt. - 27-r C. M.pt. -53-6" 0. M.pt. -f 13-2^^ C. 

B.pt. 142-6° C. B.pt. 139-8° C. B.pt. 138° C. 

These substances exhibit ])arallel properties with great uniformity. 
All three may be synthesised from the corresponding bromotoluenes; 
thus, using Fittig’s reaction ; 

CH 3 .C eH^Br + CH 3 I + 2 Na —^ CH 3 .CeH 4 .CH 3 + NaBr + Nal. 

Oxidation converts them stepwise into the corresponding p-, m- and 
p-toluie acids and then into the o-, and tere-phthalie a(‘ids 
respectively. Analogies of this kind are very usual amongst ring- 
compound isomerides. 

Metamerism.—This term (Greek meta a change, nieros part) was 
introduced by Berzelius to designate the metamorphosis of one isomer 
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into the other, as for example the conversion of ammonium cyanate 
into urea. The term is not used now in that sense. At the present 
time the term mctamer is employed to denote those isomers which 
consist of radicals attacdied to the same polyvalent element or group. 
As examples we have diethyl ketone and methylpropyl ketone : 


>CO 

Diothyl ketone, 
B.pt. C. 


CH3\ 

)>co 

Call/ 

Methylpropyl ketone, 
B.pt. 101*7'^ C. 


These two ketones are very much alike physically and have the same 
boiling point. Chemicall}^ they behave as typical k(‘tones and yield 
analogous reaction products. 

Other well-known examjdcs are affordc‘d by the alkvlamincs. 
Thus 


/CH 3 

Nfcila 

\CH, 


Trimethylamine, 
B.pt. 3-5° C. 




N(-H 
\(:H3 

Ethylmethylamino, 


A 3II7 


NVH 

\h 


JVopvlamiiij% 
B.pt, 4\r C. 


Ionisation Isomerism. —A variety of structural isomerism known 
as ionisation isomerism is very common amongst tlie mctal-aminines. 
If tw'o or more different acid radicals are present in a molecule of a metal- 
ammine, that is a metallic salt containing one or more NH 3 grou]>s in 
its molecule, it was suggested by Werner that the acid radicals may be 
firmly fixed in what is known as the inner, undissociable zone, con¬ 
stituting the co-ordination complex^ and thus closely attached to the 
central metal atom, as shown wdthin the sqiiare bra(‘kcts below, in 
accordance w^ith Werner’s notation, or they may be outside this 
complex and in the outer or dissociable zone. In this latter case they 
are easily ionised and easily liberated by other acids, whereas those 
within the brackets are not ionised and arc ditlic^ult to liberate by 
means of other acids. This distribution of the acid radicals gives 
rise to isomerism. For example, two varieties of the compound 
represented by the empirical formula Co(NH 3 ) 5 Br(S 04 ) are knowm, 
one of which is violet and the other red. In acpicous solution the 
violet modification gives S 04 -ions, which may be precipitated with 
barium chloride. The red variety yields no sulf)hatc ions in aqueous 
solution and barium sulphate is not precipitated on addition of the 
chloride. The two isomerides thus have the following structures : 


[Co<™>l-]sO. 

Bromo-pentammino- 
cobaltic sulphate. 


and 


Sulphato-pentammina' 
cobaltic bromide. 


Similarly, chloro-pentaquo-chromic sulphate, [C’r(H 20 ) 5 Cl]S 04 , is iso¬ 
meric with sulphato-pentaquo-chromic chloride, [Cr(H 20 ) 3 S 04 ]Cl. 

Hydrate Isomerism —As its name implies, hydrate isomerism 
depends on the position of water in complex molecules. An example 
is afforded by the hexahydrate of chromic chloride, FrClg.GHgO. This 
occurs in three forms, to which the following structures are assign^, 
in accordance with Werner’s theory : 
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P CI2 Cl 
'“’■(11,0), 2 II 2 O 

Dark 

Diehl or-lotraq uo- 
chromic cliloride. 


Cr 


Cl 

(H,0)5 


Cl 

Cl 

n^o 


Light green, 

M onochlor-pen t- 
aquo-chromic 
chloride. 


Cr(H,0), 


Cl 

Cl 

Cl 


Violet, 

1 lexaquo'chromic 
chloride. 


Tlic dark green salt crystallises in the rhombic system. In dry air 
it readily loses two molecules of water from the outer zone, in other 
words, the so-called “ water of crystallisation,” yielding the tetra- 
hydrate, [CrCl 2 (H 2 ^^) 4 ]^ ^ which contains all its water within the undis- 
sociable zone, that is to say as water of constitution. From solution 
only one atom of chlorine is prccipitable with silver nitrate. 

In dilute solution the dark green hexahydrate changes rapidly to 
the light green salt, wdiich can be isolated. Two-thirds of the chlorine 
of this salt are prccipitable from aqueous solution with silver nitrate, 
and five molecules of water are contained within the inner zone as 
water of constitution ; the sixth molecule of water is loosely i^ombined 
fis water of crystallisation and is removed by exposing the salt over 
concentrated sulphuric acid. 

The light green salt gradually clianges in solution to the violet salt, 
which can be crystallised out. The crystals, which are monoelinie, 
do not lose water when exposed over sulphuric acid, all the water 
being firmly fixed within the inner zone as winter of constitution. In 
aqueous solution all three atoms of chlorine are j)recipitable with silver 
nitrate. 

Polymerism.—Many unsalurated compounds exhibit a strong 
tendency to unite with themselves to form a more complex and more 
fully saturated substance. The product is called a polymer of the 
original substance. 

Numerous examples of polymerisation are afforded by the low^er 
members of the homologous series of fatty aldehydes and thioaldehydcs. 
Let us, for instance, consider the case of acetaldehyde, CH3CHO. It 
is a mobile liquid of characteristic odour, boiling at 20 ® C. When a 
few drops of coiiccntrated sulphuric acid are added to the aldehyde 
at the ordinary temperature, heat is evolved, and the liquid rapidly 
changes, with contraction in volume, into the polymer paraldehyde, 
(€ 21140 ) 3 . This is a colourless liquid, boiling at 124® C. Its vapour 
density corresponds to the formula given, and the depression of the 
freezing point of j^hcnol by its addition (p. 404) leads to the same 
conclusion. Many of its properties arc quite different from those of 
acetaldehyde. It is used in medicine as a soporific or sleep-producer. 
When distilled with dilute sulphuric acid, ordinary aldehyde is generated. 

When gaseous hydrogen chloride is passed into acetaldehyde, a 
white crystalline solid is obtained called metaldehyde, the formula 
of which, as determined by vapour density and freezing point methods, 
is also (€ 21140 ) 3 . It is thus an ordinary isomer of paraldehyde, but a 
polymer of acetaldehyde. It is insoluble in w^ater, and is used as 
a solid fuel for spirit lamps under the name of “ mefa.” 

In the presence of potassium carbonate solution, tw^o molecules of 
acetaldehyde unite to form aldol, (€ 21140)2 or €H 3 .€H(OII).€Il 2 .€HO. 
This is termed the aldol condensation and is an example of the poly¬ 
merisation of the aldehyde wWch is not reversible. 
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An interesting example is afforded by acetylene. When passed 
through a heated tube three molecules of acetylene condense to form 
one of benzene: 


H 

II 

C 

c 

% ■ 

/ \ 

HC CH 

lie CH 

III 

HC cn 

1! 1 

HC CH 

/ 

\ / 

C 

H 

H 

3 Molecules of 

Bonzone, 

Acotylene, 

B.pt. ~83-6"'a 

B.pt. VO-G" C. 


As benzene cannot easily be converted back to acetylene, this example 
of polymerisation differs from that of nudaldehyde. 

The ])olymer invariably has the higher boiling ])oint. It should be 
noted that one substance is not necessarily a polymer of another 
because its molecule happens to contain an exact multiple of the same 
atoms. For example, the molecular formula of acetic acid is C 2 H 4 O 2 
or 2 CH 2 O ; that of formaldehyde is CHgO. But acetic ac*id is not a 
polymer of formaldehyde, for the latter cannot l>e (‘onverted into the 
former directly. 

Polymerisation occurs also amongst the complex metal-ammines. 
The best-known example is that of triarnmino-trinitro-eobalt, 
[Co(NH 3 ) 3 (N 02 ) 3 J, of which polymers have been prepared containing 
two, three, four and live such groups. Thus : 


[Co(Nn 3 ) 3 (NO,) 3 l, or 


[Co(Nll 3 )e][Co(N 03 )e] 


[C0(NH3)3{N03)3J3 

[Co(NH3)3(N03)3]4 

[Co(NH3)3(N03)3]3 


or [Co(N 03 )(NH 3 ) 3 ][Co(N 03 ),(Nll 3 ) 3 l 3 
or [Co(NH 3 )el[Co(N 03 ) 4 (NH 3 ) 3]3 
or [Co(NH 3 ) 3 N 03 ] 3 lCo(N 03 ) 3]3 


Polymers of chromium compounds of this type are also known. Thus, 
[Cr(NH 3 ) 3 (SCN) 3 ], which has been prepared up to pentamoleeular 
form. 

Optical Isomerism. —This type of isomerism is beautifully illus¬ 
trated by lactic acid, CH3.CHOH.COOH, three distinct varietu*s of 
which are known, which are alike chemically but differ in certain of 
their physical properties, notably in their action on polarised light. 
The nature of this action is explained in a subsequent chapter (see 
p. 321). Meanwhile it will suffice to state that substances which, 
either in the liquid state or in solution, are able to rotate the plane of 
polarisation of light are termed optically active. If the analyser 
must be rotated in a clockwise direction in order to obtain extinction 
the substance in the polarimeter is said to be dextro-rotatory ; if 
the analyser must be moved in an anticlockwise direction the substance 
is Isevo-rotatory* 
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Turning now to the three lactic acids, we have 

(i) Ordinary lactic acid^ or the lactic acid of fermentation^ discovered 

by Scheclc in 1780 in sour milk. It melts at 18° C., and is 
optically inactive. 

(ii) Sarcolactic acid ((Jreck sarx, flesh), found by Berzelius in 1808 

in the juices of the muscles. It melts at 20° C., and is 
dextro-rotatory. 

(iii) Lavolactic acid does not occur naturally, but is readily prepared 

in the laboratory. As its name implies, it is hevo-rotatory. 

In order to ex]dain the differences between these three acids, 
Le Bel and van’t Hoff independently in 1874 put forward the same 
suggestion, namely t hat the four valencies of a carbon atom do not act 
in one plane, but at four equidistant points in space around the centre 
of the carbon atom. This is most easily visualised by picturing the 
carbon atom as a small sphere at the centre of a tetrahedron at the 




Fio. 85.-““Showing Totrahoiiral Fia. 86.—Configurations of Knantiomorphous 

Arrangement of Valencies of Carbon Compounds. 

Carbon Atom. 

corners of which the four valencies act. This is shown diagram- 
matically in tig. 85. If the carbon atom has four different groups 
attached to it, the molecule thus obtained will j)osscss no symmetry, 
that is, it cannot be divided into two similar halves, and if held to a 
mirror the image obtained by reflection is not identical with the original. 
This is clear from fig. 80, in which A, B, C and D re})resent four different 
groups attached to the carbon atom. A molecule of this character is 
termed asymmetric. Chemically two such molecules are identical; 
physically they are not, the difference being due to their spatial con¬ 
figurations. This type of isomerism is therefore frequently termed 
spatial isomerism or stereo-isomerism (Greek stereos, solid), and 
the two active varieties arc said to be enantiomorphous (Greek 
enantios, opposite). 

According to the theory of Le Bel and van’t Hoff, therefore, the 
difference between the dextro- (d-) and l«evo- (/-) lactic acids is merely 
one of configuration, since, as shown in fig. 87, they possess an 
asymmetric structure, the one form affecting polarised light to the same 
extent in one direction as the other form does in the opposite direction. 

But what about the natural inactive acid, the product of fermenta¬ 
tion ? This is a “ mixture” of the dextro- and laevo-varieties in equal 
<iuantities, the effects of which cancel each other out. Such a mixture 
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is designated as dl- and is said to be externally compensated. It is 
sometimes called a racemic mixture (p. 201). 

Since the two forms arc chemically identical, they are produced in 
equal quantiti(‘S in ordinary synthetic reactions in the laboratory, and 

in many natural processes 
as well, so that an inactive 
product is produced. 

We cannot separate the 
two forms by such processes 
as fractional crystallisation 
(p. 401) or distillation (p. 
417), since their solubilities 
are identical, as also their 
boiling points. Their ordin¬ 
ary metallic salts also possess 
identical solubilities, for they, 
too, arc optical isomers, and 
therefore (‘an not be se))arated 
by fractional crystallisation. 
If, liowcver, we neutralise a (//-mixture of lactic acid with an o]>tically 
active base, such as strychnine, which is lavo-rotatory, two different 
kinds of molecules are produced, namely : 



COOH 

Fio. 87.—Asymmetric Structure of Lactic Acids. 


d-lactic acid, /-strychnine, 
/-lactic acid, /-strychnine. 


These two derivatives are no longer optical isomers, and may therefore 
be expected to differ in their solubilities. By fractioiurtion (see p. 401) 
pure specimens of both compounds can be obtained, and from these the 
free dextro- and hevo-acids can easilv be liberated (Purdie and Walker, 
1892). 

A somewhat more involved example of optical isomerism is afforded 
by tartaric acid, which has, as its formula shows, two asymmetric 
carbon atoms, distinguished below by asterisks : 


♦CH{OH).COOH 

*ClI(OH).COOII 

Each of the asymmetric carbon at(^ms has the same four groups attached 
to it, and each may therefore be expected to affect the rotation of light 
to the same quantitative extent. Four varieties of tartaric acid are 
therefore possible, and four are known, namely : 

(i) Ordinary or decctro-tartaric acid. This form yields large mono¬ 
clinic crystals melting at 168° to 170° C. It was first 
recognised by Scheelc in 1769 and occurs as the acid potas¬ 
sium salt in the juice of grapes. Biot in 1838 was the first 
to show that its solution is dextro-rotatory. Since both of 
the asymmetric carbon atoms arc equally active, both must 
be dextro-rotatory. 

(ii) Lcevo4artaric acid is identical chemically with the dextro-acid, 
and has the same melting point, but its solutions are Isevo- 
rotatory to exactly the same quantitative extent as those of 



THE CRYSTALLINE STATE. 


201 


the previous acid are dextro-rotatory. Both of the asym¬ 
metric carbon atoms are equally active and both must 
therefore be laevo-rotatory. 

The salts of the two foregoing acids are usually isomorphous. 
Examination of the disodium diammonium salts, Na 2 (NIl 4 ) 2 (C 4 H 40 e) 2 . 
2 H 2 O, shows that they are not quite identical, however, although 
nearly so. The crystals of the corresponding acids and salts are re¬ 
lated to one another as an object is to its image in a plane mirror—its 
mirror image (fig. 88). This was first noted by Pasteur in 1848. 




Fia. 88. 


(iii) Mcso-tariaric acid (Greek mesos, middle) is optically inactive 
and results when the dextro-aeid is refluxed for several 
hours with a solution of sodium hydroxide. It melts at 
148° C. The reason this acid is inactive is that its molecule 
(‘ontains one dextro-rotatory asymmetric carbon atom, and 
one licvo-rotatory carbon atom, so that these atoms neutralise 
each other. The a(*id is therefore said to be internally 
compensated. 


The three foregoing v 
sented as follows : 

arieties of tartaric acid may therefore 

COOH 

COOH 

COOH 

I 

IICOH 

1 

HOCH 

1 

HOCH 

1 

HOCII 

1 

HCOH 

1 

HOCH 

1 

COOH 

1 

COOH 

1 

COOH 

The two active acids. 

Moso-tartaric acid. 


(iv) Racemic or Para-tartaric acid is the form which results by 
synthesis in the laboratory. It melts at 204° C., and is 
optically inactive. It differs fundamentally from meso- 
tartaric acid in that it is a ‘‘ mixture ” of equal quantities of 
the dextro- and lievo-acids ; it is not, therefore, internally 
compensated; like inactive lactic acid it is externally 
compensated. It can be resolved into its dextro- and laevo- 
components by converting into the sodium ammonium salt, 
crystallising and separating the crystals by hand. More 
usually it is resolved by combining with an optically active 
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base and fractionally crystallising, as explained in the case 
of lactic acid (p. 200). Cinchonine may be used, in which 
case the hevx^-tartrate is the first to separate, being less 
soluble. 

Resolution may also be effected by biological methods based on 
the observation of Pasteur in 1860 that a solution of ammonium 
racemate or para-tartrate c*ontaining a little alkali ])hosphate becomes 
la^vo-rotatory if a green mould, penicillium glaucum, is allowed to 
grow in it. The organism exhibits selective assimilation and 
destroys the dcxtro-acid in j)refercnee to the hevo-acid. Many other 
organisms have been studied in this way, and the method has been 
applied to a considerable variety of substances including acids, alcohols 
and sugars. It is particularly useful for dct("rmining whether or not 
an inactive substance is ca|>able of resolution. Only one of the isomers, 
however, can be obtained in this way with any one mould, so that 
theoretically half of the material is lost. In practice the loss is even 
greater. Furthermon*, the products of fermentation may be numerous 
and render the subsequent purification of the material a matter of some 
difficulty. 

The carbon atom is not the only one that can exhibit optical activity. 
According to the theory of Le Bel and van’t Hoff all molecules con¬ 
taining an asymmetric atom of any polyvalent clement should be 
capable of existing in two chemically identical forms, both of which 
are active, one possessing dextro-rotatory power and the other Igevo- 
rotatory power of the same extent. Experiment bears this out. 

In 1891 Le Bel succeeded in resolving methyl ethyl propyl «\ 5 obutyl 
ammonium chloride into its active isomers. In this case the asym¬ 
metric arrangement occurs around the nitrogen atom. Thus 

CH3\ yCgll^ 

C^H/ I Xll, (iso-) 

Cl 

The nitrogen is pentavalent. No compounds of trivalent nitrogen of 
the tvpe NH 1 R 2 R 3 have as yet been resolved. 

The central atom need not be a non-metal. In 1900 Pope and 
Peachey succeeded in resolving compounds of metallic tin of the type 

CH 3 . 

>Sn 

C 2 H/ 

where X represents a halide ; whilst Werner and his co-workers isolated 
many series of active derivatives containing chromium, iron, cobalt, 
etc., as the central atom. Consider, for example, the complex salt 

[nHs^® eiigJXj 

CHj.NHj 

“ en ” here represents ethylcnediamine, | , The portion within 

CH2.NH2 

the square brackets constitutes the undissociable zone, and may be 
grouped spatially round the cobalt atom as follows ; 
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These clearly are related as mirror images, and experiment shows that 
the two opti(;ally active varieties exist. 

In many of tlic ])olynuelear compounds o})tical activity exists also. 
For (‘xample tetracthylencdiamino-/A-aniino-nitro-dieobaltic bromide, 


en^ (x)< 


/Nil. 

\n(). 


Co cn., 


Br, 


has })ccn obtained in four varieties, namely the dextro-rotatory and 
lievo-rotatory forms with equal and opposite rotation, the racemic 
form made up of ccpial (piantities of d- and /-forms, and a modilieation 
which could not be r(‘Solv ed, namely the meso-form, wliieh is inactive 
through internal eom])ensation. These varieties may be regarded as 
the cobalt analogues of the tartaric acids. 

In the following list ar(^ given the elements of which optically active 
derivatives have been })repared, arranged in the order of the vertical 
groui)s of the Periodic Table (Frontispiece) : 


Groiq) 


9f 

>> 

>» 

>> 


I. 

II. 

III. 

IV. 
V. 

VI. 

VII. 

VIII. 


Cu. 

Be, Zn. 

B. 

C, Si, Sn, 

N, P, As. 

S, Se, Cr. 

None. 

Fc, Co, Bu, Rh, Tr, Pt. 


0{)tieally active compounds are known containing no asymmetric 
atoms, van't Hoff })redic*ted this for certain possible derivatives of 
allcnc, such as 

/Ri 

y=c=c/ 


which can yield isomers related as object to mirror image,as shown in fig.SO, 
Compounds (*orresponding to the above formula have not been 
prepared, but derivatives n'lated in structure have been resolved into 
o])ti(»al isomers. Exam])les are afforded by 


and 


HOOC\ .ClI^x 

>c< \x >c< 


H 


CH. 


CIL 


JI 

coon 


‘ ryr/oButano-^J/iiro-cyclobutane-l : I'-dicarboxylic a<;i<l 
(Backer and Sohni-ink, 1928) 


HOOC. 



/CII 

y=c. 

v< 


11/ 


-CII/ 



MeihylcycZohoxylidene-aoefcio acid 
(Perkin and Pope, 1906). 
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Fio. 89.—Showing Optical Activity of AUone Dorivativos. 

Another example of a somewhat different ty})e is 
NH--CO\ /NH—to 

I V< I 

CO—NH/ \C0—NH 

Spiro-ry: 5'-Dihydantoiii 
(Pope and Whitworth, 1030). 

Thus, in order that a molecule shall be asymmetric and, con¬ 
sequently, show optical activity towards polarised light, it is necessary 
and sufficient that the spatial configuration shall not be jsuperimjyosahle on 
its mirror image. 

Geometrical Isomerism is a second typo of spatial or stereo¬ 
isomerism. It occurs in certain cases where double bonds are present 
in the moleeule, but cannot be explained as due to lack of symmetry. 
It can also occur in certain types of cyclic compounds. 

The earliest examples were afforded by maleic and fumaric acids, 
which have the general formula (CU.CO()II) 2 . These two acids are 
interconvertible. The former melts at 180° C., and, when heated 
above its melting point, yields the anhydride 

CH—CO\ 

II >0 

CH—CO^ 

Maleic anhydride. 

When heated to 200° C. in a sealed tube maleic acid is converted 
to fumaric acid, which sublimes, without melting. Both acids yield 
succinic acid upon reduction, Fumaric acid occurs in the common 
fumitory fumaria officinalis, whence its name. 

The fact that maleic acid gives the anhydride on heating is taken 
as indicating that the two carboxyl groups are near together in the 
molecule. Fumaric acid yields the same anhydride, but less readily. 
For this and for other reasons the two carboxyl groups in the fumaric 
acid molecule are regarded as being separated as widely as possible. 
The two acids are represented therefore as follows ; 

H.C.COOH HOOC.C.H 

II II 

H.C.COOH H.C.COOH 

Maleio acid. Fumaric acid. 
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Maleic acid is said to possess the cis or nialenoid structure ; fumaric 
acid the trans oy fumaroid structure. 

The fact that only one form of succinic acid is known, namely 

CH 2 .COOH 

CH 2 .COOH 

is explained on the assumption that the two middle carbon atoms joined 
by one bond only are able to rotate freely, so that if at one moment the 
molecule has the configuration 

CHg.COOII 

HOOC.CH 2 

at the next moment the carboxyl groups may have swung round to 
juxtaposition, and so on. The double bond of the unsaturated acids, 
however, prevents this free rotation and “ freezes ” the molecules into 
their cis and trans positions respectively. 

Geometrical isomerism is shown also by substances containing the 
C~N group, such as the oximes. Goldschmidt in 1883 discovered the 
first example of this when he found a second or j8-benzil dioxime, 
structurally identical with the one already known, which then became 
designated as the a-conipound. In 1889 Victor Meyer and Auwers 
discovered yet a third form, namely the y-dioxime. All three have the 
same molecular weight. On reduction they yield dibenzyl, on oxidation 
a dioxide, 

C«H,.C : N.O 
Cell^.C : N.O, 

whilst hydrochloric acid decom{)oscs them into the original benzil and 
hydroxylamine. They arc supposed to have the following con¬ 
figurations ; 

Cellg.C-C.Cellg Q\U^.C—CX\li^ Cellg-C-C.CeHg 

II II II II ' II II 

N.OH N.OH IIO.N N.OH N.OH HO.N 

a- or amphi’Form, fJ- or anti-Form, y- or «yn-Form, 

M.pt. 237° C. M.pt. 206° to 207° C. M.pt. 164' to 166° C. 

These configurations have been arrived at as follows. The y-isomer 
can be converted readily into the anhydride, phenyl furazan, 

C^H^.C-C.CeHs 

II II 

N N 

No/ 

It is therefore presumed that the two hydroxyl groups lie in close 
proximity, as indicated. The jS-isomer appears to he the most stable 
of the three, and may be obtained by heating the a-isomer with alcohol 
in a sealed tube to 170® C. It is therefore given the nw<t-configuration. 
This leaves the amphi-SiYrangement for the a-isomer. 

As an example of cyclic compounds not containing a double bond 
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the oxychloride shows that the irons-salt can yield only one derivative, 
whereas the cw-salt can yield two ; thus 


O 








Mo 


HoO 


Cl 



H 


Insoluble green tram-cis molybdenum 
oxysalicylatc. 



Dynamic Isomerism. —Just as two allotropic modifications of an 
element in the liquid form can tie in equilibrium at .various tempera¬ 
tures, as witness and (p. 181), so two modifications of a com¬ 
pound can often exist together. This is known as dynamic isomerism 
or tautomerism (Greek tauto same, meros part), this latter name 
being due to Laar. Various other names have been applied, such as 
pseudomerism, desmotropmn (Greek desnios a bond, trepein to change), 
mesotropisin and tropomermn ; these arc only mentioned here since 
the student may come across them in reading earlier literature. 

One of the best-known examples is ethyl acctoacctatc, which gives 
many reactions suggesting that it contains a ketonic group, thus 

CH3.CO.CH2.COOC2H5 

(Frankland’s formula). 

Thus, like a ketone, it unites with hydroxylamine and with phenyl- 
hydrazine, and it yields a secondary alcoholic group on reduction, 
being converted into 

CH3.CHOH.CH2.COOC2H5 

/?-Hydroxybutyric ester. 

On the other hand, it seems equally clear for many reasons that the 
sodium derivative is represented by 

CH3.C(ONa): CH.COOC2H5 

which suggests that ethyl acetoacetate itself possesses the structure of 
an unsaturated hydroxy compound, namely j8-hydroxycrotonic ester ; 

CH3.C(OH*): CH.COOC2H5 

(GeutheFs formula). 
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This is explained on the assumption that the hydrogen atom marked 
with an asterisk is labile, that is, it can pass from the oxygen in the un- 
saturatcd or enolic form to the adjacent carbon atom, converting the 
hydroxyl group into ketonic oxygen and thus removing unsaturation. 
When occasion serves, it can pass back again. Ordinarily, the liquid 
consists of a mixture of these two isomerides in dynamic equilibrium, 
which means that the rate of formation of the enolie form from the 
kctonic form equals the rate of the reverse change. By cooling ethyl 
a(‘etoacetate to -80° C. the substance* has been obtained in almost 
pure solid crystalline ketonic form, however. 

Many other examples are known, such as succino-succinic ester, 
acetyl acetone, phloroglucinol and dihydrorcsorc'inol, all of which 
function as ketones and also as enolie derivatives. 

Atiothcr variety of dynamic isomerism is afforded by the compound 
obtained both by the aedion of nitrous acid on phenol and by hydroxyl- 
amine on quinoiie. The product may be represented as 


OH 


O 

1 


A 

if 1 

or 




V 

NO 


N.OH 


Nitrosophenol (v)uinoiic oximo 

and behaves as though it eoidd j)osscss both structures. Nitromethanc 
(}), 22()) is closely similar. 

Neither oxygen nor hydrogen is essential to tin* occurrence of 
dynamic isomerism. Methyl pyrazole contains no oxygen, but must 
be represented by two forniuhe, namely : 

HC-C.CHg HC=C.Cll3 

II II II 

HC N and lie Nil 



Phthalyl chloride (see [». 277) contains no labile hydrogen, but is 
tautomeric: 


.COCl 

L\U/ and 

\COCl 




CCl, 

^co 


The foregoing examples will suffice. 

Valency Isomerism. —An interesting example is afforded by thio- 
sulphuric acid, HjSgOj. By allowing sulphur trioxide and hydrogen 
sulphide to react in carbon dioxide solution at very low temperatures, 
Piccard and Thomas in 1923 obtained a product which they regard as 
true thiosulphuric acid. Thus : 


O 

O 


S=0+HSH 


O 

O 


.0 HI 

‘\sJh 


VOL. I, 


14 
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The central sulphur atom thus has a v'alenoy of six, and the molecule 
represents a mixed anhydride of sulphuric acid and hydrogen sulphide. 
Ordinary thiosulphuric acid is regarded as a valency isomer of this, the 
central atom being tctravalcnt, the second sulphur being tieutral, and 
constituting part of the co-ordination complex in a similar manner to 
the NHj groups in the metal-ammines (p. 206). The full significance 
of this difference will be appreciated at a later stage, when modern 
views on the nature of valency have been studied (Vol. II). It is suffi¬ 
cient for present purposes to note that the two sulphur atoms are 
attached in a different manner to each other in the different molecules. 
This is represented as follows : 


ro 

Svr 

0 


O' 

s 


“ True ” thiosulphuric 
acid. 


“0 

. S''’ 

0 


o 

S" 


II 

H 


Ordinary thiosulphuric 
acid. 
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SPECIFIC HEATS OF ELEMENTS AND COMPOUNDS. 

Units .“ The amount of heat required to raise the temperature of a 
substanee throu^li one degree on some fixed seal(‘, usually the eenti- 
grad(^ scale, is termed the heat capacity of that substance. If the 
absor])tion of Q units of heat raises the iem[)erature from to the 
mean heat capacity is given by the expression 

Q 

h-ti 

The specific heat, e, of a substanee is the heat capacity of unit 
mass, that is, the amount of heat required to raise the temperature of 
one gramme of the substanee through one degree centigrade. When 
the “ true ” specific heat of a substanee at f is referred to, it is under¬ 
stood to mean the heat absorbed by one gramme between {t -0*5)” and 
(f+0*5)°. This is an important point, since the specific heat of a 
substance usually changes with the tem])eraturc. 

If Q is the heat absorbed by m grammes of a substance for a finite 
rise in temperature from to fg* if is clear that 

Q=mJ cdt . . . (1) 

We cannot integrate this unless we know in what manner c varies 
with /, but we can put 

where is the mean specific heat between the two tem})eratures 
chosen. This exj)ression serves to define the term “ mean specific 
heat ” over the specified range, since 


” Mh-h) 



We may represent this diagramraatically as shown in fig. 90. Curve 
AB shows how the value of c changes with t. The heat absorbed, 
namely Q, is represented by the area fjABfg. If, now, we project 
to C and draw CD parallel to t^t^, the height of C being such that 

area f^ABfg =area iiCDfg, 

then the ordinate the mean specific heat. 
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The atomic heat of an element is the product of its atomic weight 
and specific heat. Similarly the molecular heat of a substance, 

elementary or compound, is the 
product of its molecular weight and 
specific heat. 

The e.g.s. unit of heat, in terms 
of which specific heats are expressed, 
is the gramme-calorie, usually 
referred to simply as the calorie, 
which is the quantity of heat required 
to raise the temperature of one 
gramme of water through one degree 
centigrade. Sometimes the calorie 
at 15° C. is chosen ; sometimes that 
at some other convenient tempera¬ 
ture, as, for example, 20° C. in the 
table on p. 214, whilst at other 
times the mean value between 0° C, 
and 100° C. is adopted. These units 
are not identical, but the variation 
is small. 

What happens to the absorbed heat ? 

The heat imparted to a substance may be utilised in three ways : 

1 . In increasing the kinetic energy of translation of the molecules, 

in raising the temperature (e,). 

2 . In performing work against external pressure consecpiont upon 

expansion (cv). 

8 . In overcoming the mutual attraction of the molecules (c*). 
Hence 

.... ( 3 ) 

The quantity e* depends upon several factors—such as dissociation, the 
breaking down of associated molecules, the overcoming of cohesive 
forces during change of state, etc.—the thermal effects of which, being 
closely connected, are conveniently grouped together. 

It is clear that c will remain constant with rise of temperature only 
when and c* are very small. In such event 

c—Ct (approximately). 

For solids and liquids is negligible owing to their comparatively 
small coefticients of expansion, and 





C==Ct +Ci. 

Ci is generally regarded as negligible for elements the molecules of 
which are monatomic, to wit, most metals and the inert gases of 
Group 0 of the Periodic Table (Sohneke, 1898). For complex molecules 
it may be a very varying quantity, and the gradual fall of the specific 
heat of water until 40° C. is reached, and the subsequent rise in the 
same as that temperature is exceeded, is probably explained in this 
way. 

Calculation of True Specific Heats.—The manner in which the 
specific heat varies with the temperature can be determined as follows ; 
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Experiment shows that c varies but slowly with the temperature, and 
the relation can be expressed with considerable accuracy in the form 
of a power scries : 

c-constant-fa<+ etc. . , . (4) 

where a, j8 and y are constants. For most purposes we may neglect 
terms of higher orders than squares, so that, writing the initial constant 
as c’o, our equation becomes 

If, therefore, we integrate between the limits ==0° and : 

I cdt == f {Cq +at-^pt^)dt 

Jo Jo 

(from equation (3)). 

Whence : 

.(») 

or, in words, the true s]}ceifk* heat over the range 0° to may be ob¬ 
tained by multi])lying tlic mean speeilie heat by t and differentiating 
with respect to t. 

An example will make this clear. For carbon dioxide the mean 
specific heat at constant pressure is given by the expression 

=0*2028 +0-0000C92f -O OOOOOOODm^. 

liCt us determine the true specific heat at 100^ C. 

Multiplying botli sides by t: 

=0-2028^ +0-0000692/2 -0*00000001C7f^ 
Differentiation gives 

Cp = 0-2028 + 0-0000692 x 2/ - 0-0000000167 x 3 /^ 

= 0-2161. 


Conversely, if the true specific heat is known, the mean specific heat is 
obtained by integration over the given temperature range and finally 
dividing by that range. 

Specific Heats of Solids and Liqmds. 

Specific Heat of Water.—As water, partly owing to its abund¬ 
ance, and partly also to the case with which it can be prepared in a 
pure condition, is the standard substance for the measurement of heat 
quantities, it is important to determine with the utmost accuracy the 
variation of its specific heat wdth temperature. Numerous investiga¬ 
tions have been carried out with this object in view, and the results 
given in the table on p. 214 are very reliable. It will be observed that 
the specific heats of water at 20® C. and 60® C. are identical. A mini¬ 
mum value occurs at 40® C. 

As the gramme-calorie is inconveniently small for some purposes, 
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Specific Heat of Water. 


(Callendar and Barnes, 1902.) 


Tomperaturo, 

"C. 

Specific 

Heat. 

Temperature, 

°C. 

Specific 

Heat. 

0 

1*0094 

40 

0*9982 

5 

1*0054 

50 

0-9087 

10 

1*0027 

60 

10000 

15 

1*0011 

70 

1-0010 

20 

10000 

80 

1-0033 

25 

0*9992 

90 

1-0053 

30 

0*9987 

100 

1 -0074 


a larger unit, the Calorie, is sometimes used ; it is the quantity of heat 
required to raise one kilogram of water through one degree centigrade, 
and is thus equal to 1000 “ small ” or gramme-(*alories at the same 
temperature. Occasionally the quantity of heat recjuired to raise one 
gramme of water from 0° to 100® C. is chosen as the unit. It is equiva¬ 
lent to 100*16 gramme-calories at 20® C. and is referred to as a Kalorie, 
K or Kal. This value divided by 100 is the mean calorie. The zero 
calorie (0® to 1° C.) is 1*005 times the 15® calorie. 

Several empirical formulae have been suggested whereby the true 
specific heat of water at any temperature can jbe calculated. Callendar 
suggested 

Specific heat =0-98536 + 0 000084< + O-OOOOOOOt*, 

which satisfactorily represents the true sj)ecific heat of water in terms 
of the gramme-calorie at 20® C. at all temperatures between 0® C. and 
100® C. and yields results in close agreement with those in the foregoing 
table. 

The reason why the specific heat of water shows such unusual 
variation is discussed later (p. 227). 

Determination of Specific Heat. —The ‘‘ method of mixtures,” as 
it is called, is the most usual method of determining the specific heats 
of solids and liquids. In the case of a solid, a given mass, m, at t® C., 
is plunged into a calorimeter containing M grammes of water at f^® C., 
raising the temperature of the water to C. The mean specific heat, 
Cfn, of the solid over the range to t® C. is then given approximately by 
the expression : 

Some heat, however, is absorbed by the calorimeter, the stirrer and the 
thermometer. If the masses and specific heats of these are known, it 
is easy to calculate their combined water value or water equivalent, 
by which we mean the mass of water that would absorb the same 
number of calories as these pieces of apparatus do when raised through 
the same temperature interval. If this is denoted by w grammes, then 
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{M ^w){t^ -ti) 


For accurate work great care must be taken to ensure that there shall 
be no loss of heat during transference of the hot body to the calorimeter, 
or, in other words, that the whole of the heat evolved by the hot body 
is received by the calorimeter and its contents. 

In the case of liquids which boil at very low temperatures, such as 
liquid oxygen, the mean specific heat of the liquid between a given 
temperature and the boiling point is determined by dropping mercury 
or pieces of metal at the ordinary temperature into a known mass of 
the liquid contained in a Dewar Hask until ebullition takes place. If 
the temj^eratures, masses, sj)ccific heat of the metal and, in the case of 
mercury, the latent heat of fusion, are known, all the data are to hand 
for calculating the specific heat of the liquid. V^ery high accuracy is 
not, of course, attainable. An ai)paratus similar to that shown in 
fig. 22 (p. 84) was used by Dewar for this purpose. 

¥oy solids at low temperatures a copper calorimeter of special 
design may l)e used. It consists of a block of copper in which a hole 
has been bored and which is in intimate contact with a thermocouple. 
After suitable cooling in li(]uid air the block is placed in a Dewar flask 
to prevent absorption of heat from surrounding objects. A known 
mass of the substance whose specific heat is reepured is now drop})ed 
into the block and the rise in temperature noted. If the original 
temperature of the substance is known, togetluT with the mean specific 
heat of the copper o\'er the range concerned, all the data are to hand 
for calculating the mean specific heat of the substance. 

Sometimes a vacuum calorimeter is employed. This may consist 
of a block of the substance itself; but sometimes a small silver vessel 


is used in which the substance is placed. The block (or silver vessel) 
is furnished with an electric heating coil which serves the double 
purpose of thermometer and supplier of heat, suspended by fine wires 
inside a glass vessel, and cooled to a low temperature, say, in liquid 
air. The whole is now evacuated as completely as possible to prevent 
loss of heat by conduction and convection and the temperature noted 
by determining the resistance of the coil. An electric current is now 
passed until the desired temperature is attained. The heat is supplied 


given by the expression: 




A^Rd 

4-19 


(see p. 83), and the mean specific heat is readily calculable. This 
method is particularly suitable also for determining true specific heats, 
since the temperatures may be raised by successive small amounts 
without dismantling the apparatus. 

Specific Heats of Elements. —For the majority of the elements 
the specific heat rises with the temperature, and over short ranges may 
be represented with fair accuracy by an empirical formula of the type 

.... (4) 

where Cq, a and j3 are constants for a particular element. 

In general, a is small and jS very small, as the following data 
indicate ; 



216 


PHYSICAL CHEMISTRY. 


Elemont. 

TemiHJraiure 
Range, ^’C. 

Co X 10®. 

a X 10\ 


Platinum 

0 to 300 

3-05 

200 

50 

Silver , 

0 to 007 

5-70 

0-88 

.. 

Aluminium . 

-100 to 050 

20-80 

10-2 

20-4 

Mercury 

0 to 50 

3-33 

- 0-02 

. . 

Iron (pure) . 

0 to 100 ! 

10-45 

152-0 

- 017-0 


Over those ranges of temperature for whieli tlie elTeet of j3 is negligibly 
small, the specific heat 

c—CQ + at 


is a linear function of the temperature. 

Between 0° C. and 100° C. the speeifie heat of most metals is almost 
constant. 

It will be observed that jS is negative for mercury, the s])eeiric heat 
falling to a minimum at 11*0° C. This is unusual. The specific heat 
of iron shows an abrupt change in the neighbourhood of 700° C., )8 
changing its sign from positive to negative. This is undoubtedly 
connected with some internal change, such as due to allotropy, in the 
metal, as other physical properties show' variation at about the same 
temperature (see p. 185). Calcium show's a break in its specific heat 
at about 400° C., and this is taken to indicate an allotropi(* change 
(Eastman, 1924) from Cua to Ca^. 

In the accompanying table (p. 217) will be found^the mean specific 
heats and atomic heats of the solid elements (over the temperature 
intervals given in the second column). 

Dulong and Petit’s Law. —In 1819 Dulong and Petit drew' 
attention to the fact that the product of the atomic weight and 
specific heat for the majority of the solid elements then known was 
constant —in other words, that the atoms had the same capacity for 
heat. From the data in the penultimate column of the table 
opposite the general applicability of Dulong and Petit’s Law will be 
apparent. 

I^eaving out of consideration those elements which arc gaseous at 
ordinary temperatures, it will be observed that the atomic heats of 
the elements do not vary greatly from the mean value (>*4. There are, 
however, a few' notable exceptions, namely, boron, carbon, beryllium 
and silicon. In 1872 Weber showed that "the specific heats of (‘arbon 
(diamond and graphite) and silicon possess abnormally large tem¬ 
perature eoefilcients, and that at high temperatures the atomic heats 
of these elements approximate to the mean value found for the other 
elements, although a sufficiently high temperature w'as never attained 
at which the atomic heats actually became 6*4. He also gave data 
for “ boron,” but his material was really a boride of aluminium. A 
few of his results are given in the table at the top of }). 218. 

W^eber therefore suggested that for the purpose of applying 
Dulong and Petit’s Law the values for the specific heats of the elements 
should be taken at those temperatures at which they increase most 
slowly. 





Table of Specific and Atomic Heats of the Solid Elements 


Element. 

Temperature 

Interval, 

"■C. 

Mean 

Specific 

Heat. 

Approx. 

Atomic 

Weight 

(1931). 

Moan 

Atomic 

Heat. 

Mean Atomic 
Heat at 

50^^ Aha. 
(Dewar, 1913). 

Aluminium 

16 to 

100 

0-2122 

27-0 

6-73 

1-12 

Antimony 

0 to 

100 

0-0495 

121-8 

6-03 

2-89 

Araenie (eryst.) 

21 to 

68 

0-0830 

74-9 

6-22 

1-94 

Barium . 

- 185 to 

20 

0-0680 

137-4 

9-34 

4-80 

Beryllium 

0 to 

100 

0-4246 

9-0 

3-82 

0*125 

Bismuth 

9 to 

102 

0-0298 

209-0 

6-24 

4-54 

Boron (amorph.) 

0 to 

100 

0-3066 

10-8 

3-31 

0-24 

Bromine (solid) 

- 78 to 

- 20 

0-0843 

79-9 

6-73 

3-62 

(Cadmium 

0 to 

100 

0-0548 

112-4 

6-16 

3-46 

Cajsiura . 

0 


0-0522 

132-8 

6-93 

6-82 

Calcium . 

0 to 

100 

0*1490 

40-1 

5-98 

2-86 

Carbon (diamond) 

11 


0-1130 

12-0 

1*36 

0-03 

Cerium . 

0 to 

100 

00450 

140-1 

6-31 

4*64 

Chromium 

22 to 

51 

0*1000 

52-0 

5-20 

0*70 

Cobalt 

15 to 

100 

0-1030 

58-9 

6-07 

1-22 

Ojpper . 

15 to 

238 

0-0951 

63-6 

6-05 

1-56 

Callium (solid) 

12 t« 

23 

0-0790 

69-7 

5-60 


(Hermanium 

0 to 

100 

0-0737 

72-6 

6-36 

., 

Cold 

0 to 

100 

00316 

197-2 

6-23 

3*16 

Indium . 

0 to 

100 

00570 

114-8 

6-54 


Iodine (solid) . 

9 to 

98 

0-0541 

126-9 

6-86 

4-59 

Iridium . 

0 to 

100 

0-0323 

193-1 

6-24 

1-92 

Iron 

20 to 

100 

0-1190 

55-8 

6-64 

0-98 

lanthanum 

0 to 

100 

0-0449 

138-9 

6-24 

4-60 

Lead 

18 to 

100 

0-0310 

207-2 

6-42 

4-96 

Lithium . 

27 to 

100 

0-9410 

6-94 

6-53 

1-35 

Ma<i;nesium 

18 to 

99 

0-2460 

24-3 

5-98 

1-74 

Manganese 

14 to 

97 

0-1217 

54-9 

6-68 

1*26 

Mercury (solid) 

- 78 to 

~ 40 

0-0319 

200-6 

6-40 

4-65 

Molybdenum . 

15 to 

91 

0-0723 

96-0 

6-94 

1-36 

Nickel . 

18 to 

100 

0-1090 

58-7 

6-40 

1-22 

Osmium . 

18 to 

98 

0-0311 

190-8 

5-94 

1-49 

Palladium 

18 to 

100 

0-0590 

106-7 

6-30 

2-03 

Phosphorus (yellow) 

13 to 

36 

0-2020 

31-0 

6-26 

2-40 

„ (red) 

15 to 

98 

0-1698 

31-0 

5-26 

1-34 

Platinum 

0 to 

100 

0-0323 

195-2 

6-31 

2-63 

Potassium 

0 


0-1728 

39-1 

6-75 

5-01 

Rhodium 

10 to 

97 

0-0580 

102-9 

5-97 

1-38 

Rubidium 

0 


0-0802 

85*4 

6-85 

6-05 

Ruthenium 

0 to 

100 

0-0611 

101-7 

6-21 

1-11 

Selenium (oryst.) 

22 to 

62 

0-0840 

1 79-2 

6-65 

2-86 

Silicon (cryst.) 

22 


0-1697 

1 281 

4-77 

0-77 

Silver 

17 to 

507 

0-0590 

107-9 

6-46 

2-62 

Sodium . 

0 


0-2829 

j 23-0 

6-51 

3-50 

Strontium 



! 0 0742 

87-63 

6-50 

., 

Sulphur (rhombic) . 

17 to 

45 

! 0-1630 

32-1 

5-23 

1-76 

Tantalum 

- 185 to 

20 

1 0-0326 

181-4 

5-91 

1 

Tellurium (cryst.) 

15 to 

100 

0*0483 

127-5 

6-16 

3-68 

Thallium 

20 to 

100 

0-0326 

204-4 

6-65 

4-80 

Thorium 

0 to 

100 

0-0276 

232-1 

6-41 

4*58 

Tin (tetragonal) 

0 to 

20 

0-0540 

118-7 

6-41 

3-41 

Titanium 

0 to 

100 

0-1125 

47-9 

5*39 

0-99 

Tungsten 

15 to 

93 

0-0340 

184-0 

6-26 

1*75 

Uranium. 

0 to 

98 

0-0280 

238-1 

6-67 

3-30 

Vanadium 

0 to 

100 

0-1153 

51-0 

5-88 

,, 

Zinc 

20 to 

100 

0-0931 

65-4 

6-08 

2-52 

Zkoonium 

0 to 

100 

0-0660 

91-2 

6-02 

2-38 
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The Atomic Heats of Carbon and Silicon at Different 
Temperatures. 

(Weber, 1872.) 


Diamond. 

Graphite. 

Silicon. 

Temp., 

"C. 

Specific 

Heat. 

Atomic 

Heat. 

.Temp., 

°C. 

Specific 

Heat. 

Atomic 

Heat. 

Temp., 

^V. 

Specific 

Heal. 

Atomic 

Hoat. 

- 50-5 

OOGJ. 

0-70 

~ 50-8 

0-114 

1-80 

- .89-8 

0-1.80 

8-81 

+ 10-7 

0118 

1 85 

4- 10-8 

0-100 

1*92 

+ 21-0 

0-170 

4-75 

85-5 

0177 

2-11 

1.88-5 

0-254 

8-05 

80-0 

0190 

5 32 

206 

0-278 

8-28 

249 

0-825 

8-90 

129 

019G 

5-50 

615 

0-444 

5-88 

040 

0-450 

5-41 

184 

0‘i01 

5 03 

987 

0-402 

5 55 

982 ! 

0-4()9 1 

1 

5-02 

282 

0-203 

5-68 


Thirteen years later, llumj)id|?e determined the s])eeifie heat of 
beryllium at various temperatures and showed that at 500" the 
value remained nearly eonstanl. His results arc embodied in the 
following table: 

The Atomic Heats of Beryllium at Different Temperatures. 

(Huinpidge, 1885.) 


Temperatme.<3, 

°c. 

Specific Heat. 

Atomic Heat. 

0 

0 3750 

8-89 

100 

0-4702 

4-24 

200 

0-5420 

4-87 

800 

0-5910 

5-38 

400 

0-0172 

5-57 

500 

0-0200 

5-59 


It aoeordingly appears that if the temperature at whicdi the specific 
heats of the‘se elements are taken is sullieicntly high, carbon, silicon 
and beryllium may fall into line with the other elements and con¬ 
form to the Law of Dulong and Petit, although as yet the value 6-4 
has not been attained for the atomic heats of any of them. 

It may well be urged, however, that it is not fair to take the specific 
heats of these four elements at the highest attainable temperatures and 
compare them with those of the other elements at lower temperatures 
in order to make them fall into line with an empirical law such as the 
one now under discussion, especially since the results of the numerous 
researches show that the atomic heats of certain metals rise considerably 
above the mean value of 6*4 when the temperature is raised. This 
latter is well illustrated by the following table : 
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The Specific and Atomic Heats of Different Metals at 
Varying Temperatures. 

(Tilden, 1905.) 


Absolute 

Tempera¬ 

ture, 

T. 

Aluminium. 

Nickel. 

Platinum, 

Specific 

Atomic 

Specific 

Atomic 

Specific 

Atomic 

Heat. 

Heat. 

Heat. 

Heat. 

Heat. 

Heat. 

.‘100 

0-2053 

5-54 

o-iost 

0-19 

0-0311 

0-07 

500 

0-2384 

0-44 

0 1233 

7-2t 

0()344. 

6-71 

700 

0-2531 

0-83 

0 1301 

7-04 

0-0.372 

7-25 

900 

. . 

, . 

0 1338 

7-85 ! 

0-0397 

7-74 

1500 

i 




0-0461 

8-99 


It is evident, tlicrcfore, that the law is merely an approximation to 
the truth, and whether or not any partieular element falls into line 
depends larfrely upon the tem))erature at which the specific heat is 
determined. 

Specific Heats at Low Temperatures. —In general the differences 
noticed between the atomic heats become a(*centuated at temperatures 
below 0° C. As the temj)craturc is lowered, the specific heats of the 
elements fall, ra])idly at first, j^artieularly for the elements of low 
atomic weight (Helm, 1898), but afterwards more slowly, tending 
towards the limit zero at the absolute zero of temperature. The ac¬ 
companying table eontaiiis some of the results that have been obtained : 


Silver. 

Lead. 

Copper. 

Zinc. 

Aluminium. 

Diamond. 

T° 

Atomic 

QjAO 

Atomic 

^>0 

Atomic 


Atomic 


Atomic 

ipo 

Atomic 

Abs. 

Heat. 

Abs. 

Heat. 

Abs. 

Heat. 

Abs. 

Heat. 

Abs. 

Heat. 

Abs. 

Heat. 

173 

5-46 

202 

0-23 

173 

4-98 

173 

5-32 

173 

4-54 

262 

M4 

123 

4-97 

123 

5-89 

123 

4-29 

123 

4-84 

123 

3-71 

232 

0-86 

77 

4-07 

03 

5-65 

88 

3*38 

94 

4-55 

. 88-3 

2-62 

220 

0-72 

53-8 

2-90 

36-8 

4*40 

33-4 

0-538 

75 

3-95 

86-0 

2-52 

205 

0-62 

39-1 

1-90 

28-3 

3*92 

27-7 

0-324 

43-7 

2-17 

35-1 

0-33 

88 

0-03 

35-0 j 

i 

1-58 

23-0 

2*90 

23-6 

0-223 

331 

i 

1-25 

32-4 j 

0-25 

30 

0-00 


If the preceding values are represented graphically, it will be seen 
(fig. 91) that not only do they indicate that the specific heat of an 
element vanishes when the absolute zero is reached, but also that its 
rate of variation with the temperature, viz. dcjdTy vanishes also. 

Reason for Deviations from Dulong and Petit’s Law. —As has 
already been explained, for solids and liquids (p. 212), 

since the change in volume with rise of temperature is negligible. 
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Boltzmann (1871) showed that when a solid absorbs heat, approxi¬ 
mately half that heat is used up in performing internal work, the 
remaining half being utilised in increasing the kinetic energy of the atoms, 

that is, in raising their tem¬ 
perature. Our equation, 
therefore, becomes 

c==Ct +Ci ^2ct. 

Now when a monatomic gas 
absorbs heat at constant 
volume, Cg (p. 212) is, of 
course, nil, and e, is negli¬ 
gibly small, for the distance 
between the atoms is very 
great and, in consequence, 
their cohesive force is small. 
Practically all the heat, 
therefore, is utilised in rais¬ 
ing the temperature, so that 

Experiment shows that the 
atomic heat of a monatomic 
gas is approximately 3 
calories, so that the atomic 
heat of solid and liquid 
metallic elements which are 
believed to have monatomic 
molecules will be twice this, or 6 calories. This figure is not far removed 
from the mean value of 6*4 obtained empirically (see Table, p. 217). 

The atomic heat will not be normal unless the distance between 
contiguous atoms is considerable compared with the displacement of 
each atom, otherwise the atoms tend to interfere with each other’s 
motion. The deviation will be greatest with those elements which 
have a small atomic volume coupled with a low atomic weight, for two 
reasons (Richarz, 1899); 

(i) A small atomic volume means that the space between the atoms 

is small, so that a given displacement caused by rise of 
temperature may be relatively large. 

(ii) A given amount of heat will cause more displacement with light 

atoms than with heavy atoms, since the kinetic energy given 
to the atoms is the same. 

Consideration of the results in the table on p. 221 shows that when 
both the atomic weight and atomic volume are small, as in the case of 
boron, carbon (diamond), beryllium and crystalline silicon, the atomic 
heat is low. With lithium, however, a normal atomic heat is obtained, 
for, although its atomic weight is small, its atomic volume is relatively 
large, as indicated in the final column. 

It is worthy of note that the atomic heats of the solid elements at 
constant volume (A^) show more regularity than do the atomic heats 
at constant pressure (A^,). The former may be calculated by utilising 
the relationship TB^V 

Ap — ** 



Fig. 91,—Variation of Atomic Heat with 
Temperature (see p. 219). 


a 


(6) 
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Eloment. 

Tempera¬ 

ture 

Interval, 

Mean 

Specific 

Heat. 

Atomic- 

Weight. 

Atomic 

Heat. 

Atomic 

Volume. 

At. Vol. 
At. Wt. 

Boron (Amorph.) . 

0 100 

0-307 

10-82 

3-32 

4-01 

0-37 

Diamond 

11 

0 113 

12-00 

1-36 

3-41 

0-28 

Beryllium . 

0 100 

0-425 

9-02 

3-83 

4*92 

0-55 

Silicon (Cryst.) 

22 

0-170 

28-06 

4-77 

11-4 

0-41 

Lithium 

i 

27-100 

0-941 

0-94 

6-53 

13-0 

1-87 


in which T, F, a and /3 denote the absolute temperature, atomic volume 
and coefficients of compressibility and expansion respectively. For 
fifteen elements, the compressibilities of which have been measured 
(Richards, 1907), the mean value for the atomic heat at constant 
volume is 5*9 at 20° C., and the average deviation only 0-09. 

The preceding equation may be simplified to 

.... (7) 

where k is constant for the particular element (Griineisen, 1908). At 
very low temperatures A^, and Ap arc almost equal. 

Specific Heat and Allotropy. —From the foregoing it is clear that 
in those eases where elements exhibit allotropy, the allotropes of least 
density, and hence of greatest atomic volume, will have the higher atomic 
heats and will thus, in general, deviate least from Dulong and Petit’s law. 
That such is the ease is evident from the data in the following table: 


Element. 

Allotropic Form. 

Tempera¬ 

ture 

Interval, 

"C. 

Specific 

Heat. 

Atomic 

Heat. 

Density. 

Carbon . | 

Diamond 

Graphite 

11 

11 

0-113 

0-160 

1-36 

1-92 

3-52 

2 25 

Phosi^horus .| 

Red . 

White 

0-50 

13-36 

0-183 

0-202 

5- 67 

6- 26 

2-20 

1-83 

Sulphur . 1 

Rhombic 

Monoclinic . 

0-50 

0-50 

0-173 

0-181 

5-55 

5*81 

2*07 

1-96 

Tin . .| 

White (tetragonal) 
Grey (cubic) 

0-20 

0-20 

o o 

6 6 

6- 41 

7- 00 

7-28 

5*8 


With rise of temperature the differences between the atomic heats 
of the allotropic forms of an element gradually diminish. This is well 
illustrated by Weber’s data for diamond and graphite given in the 
table on p. 218. 

The data in the above table serve also to illustrate van’t Hoff’s 
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Stability Rule, aceordin^y to which, whe7i two modifications of a system 
exist the one with the higher specific heat becomes stable at higher tem¬ 
peratures. Thus nionocliiiic sulphur is the stable form abov(i 95*5° C, 
whilst rhombic sulphur is stable below this teiriperature. If the data 
for tin arc correct, however, this metal does not obey the rule. 

Determination of Atomic Weights. —For practical juirposes it is 
best to assume that Dulong and Petit’s Law represents a rou^h, 
empirical rule, valid when the mean specific heats are determined 
between 0 ° C. and 100 ° (!,, with three or four well-marked exeej)tions. 
In several cases the law has ]>rovcd very useful as a means of fixing the 
atomic weights of several elements when their ecpiivalcnt or combining 
weights have been known. 

Uranium is a case in ])oint. This element has a combining weight 
of 39*7 ; consequently its atomic weight is given by the expression 

J = :39 7 X V 


where A is the atomic weight and V the valency. On account of the 
sup]X)sed resemblance of uranium to iron, the valency of uranium was 
taken as 3, and hence its atomic weight as 39-7 x3—119 (approx.). 
Mcndelceff, however, placed the clement in the sixth group of the 
Periodic Table along with chromium and sul])hur. Hence an oxide of 
the formula UO 3 was to be expected, and therefore a valency of six. 
This meant doubling the atomic w(‘ight, whi(*h thereby became 238. 
The question was settled in 1882 by Zimmermann, who found the 
specific heat of the element to be ()*()27, from which, according to 
Dulong and Petit’s Law, the approximate value of the atomic weight 
is given by the expression 


Atomic weight = 


Atomic heat^ 6-4 
Specific heat 0*027 


Mendeleeff’s views thus received confirmation. 

A second example is afforded by mdium, which, for some time after 
its discovery in 1863 (Reich and Richter), was regarded as divalent and 
analogous to zinc. This view was based ui)on the facts that indium 
occurs naturally in association with zinc, notably in the blendes, and 
the two metals are very similar in their analytical reactions. Further¬ 
more, all efforts to })repare indium alums, which w’ould have indicated 
the trivalent character of the metal, and its analogy with aluminium, 
at first proved abortive. With a combining w^eight of approximately 
38, divalent indium would have an atomic weight of 76. Rut this was 
not acceptable to Mcndelceff, who had no room for such an element in 
Group II of his Periodic Table. There was, how^ever, a vacant space 
in Group III for an element of atomic weight intermediate between 
that of cadmium (at. wt. 112) and tin (at. wt. 119), and assuming 
indium to be trivalent, with an atomic w^eight of 38x3 or 114, the 
metal would fit into the table remarkably well. In 1870 Bunsen found 
the specific heat of metallic indium to be 0*057, whence 


Atomic weight =6*4/0*057 = 112 (approx.). 

Mendclceff’s view of the trivalent character of indium was thus con¬ 
firmed, and subsequent work fully substantiated the assumption. 

Another element that gave considerable trouble was zirconium^ 
which was regarded as trivalent until a determination of the vapour 
density of its chloride in 1857 indicated tetravalency. This was con- 
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firmed in 1873 wlien the specific heat of zirconium between 0 ° C. and 
100 ° C, was found to be 0-066. Tfie atomic weight was thus 6*4-:-0-066 
or 97, which is approximately four times the combining weight, 

Dulong and I’etit’s Law lias also been usefully aj)])lied in determining 
the valency of the ivirc earth metaU, No (*ompounds of these are known 
that volatilise without decomposition at iem]K‘ratures suitable for 
vapour density determinations, so that no indicration of the magnitude 
of the atomic weights of the metals is obtainable in this way. Also the 
Periodic Table is of little assistance beyond indicating that yttrium and 
lanthanum are trivalent and cerium tetravalent. Prior to 1870, the 
rare c'arths then known to clicniisis—ccria excepted-- were represented 
as oxides of dii alent metals, of general formula MO. Tliis brought 
them into line with the alkaline earth oxides, wliieh they were belicNcd 
to resemble. Tlie formula (^*203 was at one time* given to eeria, tliat 
is, eerie* oxide, but in later years the oxide came to ])e regarded as a 
comj)ound 2 Ce 0 .Cc 02 or Ce 304 . In 1870 Mendeleeff suggested that 
ccrous oxide should l)e written as (VgOii (instead of CeO), and eerie 
oxide as Cc() 2 . This was confirmed in 1876 when Hillebrand determined 
the specific heats of cerium, lantlianum and “ didymium ” (essentially 
a mixture of praseodymium and neodymium, but at that time believed 
to be a simple element). The results were as follows : 


Element. 

Specific 
Heat, c, 

0 to ]00^' C. 

Approximate. 

Atomic 

Weight, 

Equivalent 
Weight Deter¬ 
mined 

Expei'imontally. 

Valency, 

At. Wt. 
Ecpiiv. Wt. 

C’crium . 

00448 

143 1 

46-7 (eerous) 

3-1 



1 

35-0 (ce'i’ie) 

4*1 

“Didymium” . 

0 0450 

140 

t7 (a])prox.) 

3-0 

Lanthanum 

00449 

142 

46-3 

31 


Further evidence of the trivalent nature of the rare earth elements w^as 
obtained later from a study of the molecular lieats of some of their 
compounds (see p. 224). 

Specific Heats of Compounds. — In 1831 Neumann extended 
Dulong and Petit’s Law to certain groups of closely related (*ompounds, 
as, for example, the carbonates of the alkaline earths, b}’ drawing 
attention to the fact that these bodies cxliibit the same molecular 
heats. This is well illustrated by the following table, in wdiieh the 
modern values for the speeifie heats and molecular w eights of a number 
of sulphates are given : 


Substance. 

Formula. 

Temperature, 

"C. 

Specific 

Heat. 

Mok?eular 

Weight. 

Molecular 

Heat. 

Calcium sulphate 

CaSO^ 

13 98 

0-197 

13(M 

26-8 

Barium sul})hatc . 

naS 04 

10 98 

0-113 

233-4 

26-4 

Strontium sulphate 

SrSO^ 

21 -99 

0-143 

183-7 

26-3 

Lead sulphate 

PbSO^ 

20-99 

0-087 

303 3 

26-4 
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Regnault (1841) extended Neumann’s observations, and confirmed 
the law by more ae<*urate determinations of the specific heats of metallic 
oxides, halides, sulphides, carbonates, sulphates and nitrates. 

Neumann’s Law may therefore be formulated as follows ; 

Compounds of similar chemical composition and structure have the 
same molecular heat 

This law has been advantageously applied to the study of the oxides 
and sulphates of the rare earth metals. The similarity of their niole- 
cular heats to those of the corresponding compounds of aluminium, 
indium, etc., which arc known to be triv^alcnt metals, is an argument 
in favour of the trivalency of the rare earth metals themselves. The 
following data illustrate this point: 


Molecular Heats of the Oxides and Sulphates of Certain 
Rare Earth Metals. 

(Nilson and Pettersson, 1880.) 


Metal. 

Oxide. 

Moan 

Specific 

Heat, 

0 ^tol(K)‘"C. 

Molecular 

Heat. 

Sulphate. 

Mean 

Specific 

Heat, 

Ono 100 ° 0 . 

Molecular 

Heat. 

Aluminium . 

A1,0, 

0-1879 

19-3 

Al,(SO.), 

0-1855 

03-0 

Indium 

1^203 

0-0807 

22-2 

In 2 ( 804)3 

0-1290 

00*4 

Iron 

FfijOj 

0-1000 

25-5 

Fe 3 (S 04)3 

0-1050 

00-2 

Cerium 




<>3(804)3 

0-1108 

00-2 

Erbium 

Erjbj 

0-0050 

24-7 

Er3(S04)3 

0-1040 

04-5 

Lanthanum . 

Iua20j 

0-0749 

24-4 

La3(S04)3 

0-1182 

06-0 

Yttrium 

Y3O3 

0-1026 

23-3 

¥3(804)3 

0-1319 

01-6 


Neumann’s Law, however, is only of limited application, inasmuch 
as it applies merely to chemically related substances. Joule (1844) 
and Woestyn (1848) soon pointed out, however, that 

the molecular heat of a compound is the sum of the atomic heats of its 
constituent atoms. 

This most important generalisation enables us to connect together all 
types of compounds ; it is thus as universally applicable as Dulong 
and Petit’s Law for the various elements. Since Kopp (1864) did much 
to establish its approximate truth, this generalisation is usually termed 
Kopp’s Law, although it cannot be claimed that he was its originator. 

It will be clear that Kopp’s Law is tantamount to postulating that 
the atomic heats of the elements remain approximately the same 
whether the latter are free or combined, and that such is actually true 
in many cases is evident from the table at top of p. 225. As enunciated 
above, the law is assumed to be additive, and for most inorganic 
substances this appears to be the case. It will be seen later, however, 
that the molecular heat of a substance is partly constitutive also, since 
the specific and hence the molecular heats of isomerides of different 
structure are by no means identical. 
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Substance. 

Formula. 

Specific Heat. 

Molecular Heat. 

Silver chloride . 
Cuprous chloride 
Potassium chloride 
Barium chloride 
Mercuric iodide . 

Lead iodide 

CuCl 

KC'l 

HaCl, 

Ifffh 

Pbla 

0*091 

0*13S 
0*173 
0*090 
0*042 
0*043 

13*1 -2 x6*6 
136-2 x6*S 
12-9-2 x6*5 
18-8-3 x6*3 
19*1 -3 x6*4 

19 7-3 X 6*6 


Kopp’s Law is further supported by the following observ^ations ; 

1. Bodies eontaining equal proportions of those elements whieh do 
not eonforin to Dulong and Petit’s Law have approximately equal 
moleeular heats. This is evident from a consideration oJ* the different 
compounds of oxygen and sulphur shown in the table below, both 
oxygen and sulphur possessing abnormal atomic heats. The regularitj^ 
here noticed is, of course, merely a special case of Neumann’s Law. 


Substance. 

Formula. 

Molecular 
Weif^ht 
(0 = 1(5). 

Specific 

Heat. 

Molecular 

Heat. 

Cupric oxide 

CuO 

79*6 

0*142 

11*3 

Mercuric oxide . 

n«o 

216*6 

0*052 

11*3 

Nickelous oxide . 

NiO 

74*7 

0*1.59 

11*9 

Ferrous sulphide 

FeS 

87*9 

0*136 

12*0 

Lead sulphide . 

PbS 

239 3 

0 051 

12*2 

Mercuric sulphide 

uss 

1 

232 7 

0*051 

11*9 


2. The values obtained for the atomic heats of abnormal elements 
are the same (ap})roximately) whether deduced from the moleeular 
heats of their compounds or calculated directly from the observed 
specific heats of the elements. Thus, in the table above, copper oxide 
(CuO) has a molecular heat of 11*3. Now, the specific heat of copper 
is 0*094 at temperatures ranging from 20° to 100° C., so that the 
atomic heat is 0*094 x 63'6 = 6 0 (approx.), and the atomic heat of oxygen 
is in consequence 11*3 -6*0 = 5 * 3 . The observed specific heat of liquid 
oxygen at - 190° C. is 0*347, whence its atomic heat is 0*347 x 16 = 5 * 55 . 
This is a rather favourable example of the nature of the agreement 
observed. 

For combined water, that is so-called water of crystallisation, the 
molecular heat is found to be 8. This value is almost the same as 
that obtained for ice, namely 8*3. 

Kopp’s Law may be used to determine the atomic weight of an 
element the equivalent of which is known, irrespective of whether or 
not the pure element itself has been isolated. Thus, for example, 
suppose the atomic weight of mercury is required. Analysis of mercuric 
chloride shows the equivalent of the metal to be 100*3, and, by applying 
one of the methods detailed in Chapter VIII, it is found that the molecular 
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weight of mercuric chloride is approximately 271-5. Evidently, there¬ 
fore, the formula of the salt is Hg^^Clg, and the problem is to find the 
value of n. A determination of the specific heat of mercuric chloride 
yields the value 0*069, and the molecular heat is therefore 
0*069 X 271*5 =18*7. From Kopp’s Law, then, the number of atoms 
present in the molecule is 18*7/6*4=3 (approximately); wliencc w = ], 
the formula for mercuric chloride is HgClg, and the atomic weight of 
the metal 100*3 x2 =200*6. 

Although Kopp’s Law was originally formulated from data obtained 
in the neighbourhood of the ordinary temperature, it has been found 
to apply with considerable exactness even at low temperatures such as 
100 ° Abs. (Tilden, 1904). 

Organic Liquids.—As in the case of most metals, over short ranges 
of temperature the specific heat of an organic licpiid is a linear function 
of the temperature, so that 

c = Cq + at. 


For substances of analogous chemical composition ^ shows remarkable 
constancy, although a may vary considerably (Schiff, 1886). Thus, for 
example : 

Substance. Cq at. 


Allyl oxalate 
IsoButyl oxalate 


0*4122+0*00066/, 
0*2274 + 0*00066/. 


Methyl benzoate 
Ethyl benzoate. 


0*363 +0*00075/, 
0*374 +0*00075/. 


Isomers of similar chemical constitution have almost identical 
specific heats, whilst those of different structure have different specific 
heats (von Reis, 1881). These facts show that whilst the specific heat 
is partly additive, as Kopp’s Law demands, it is also ])artly constitutive. 
Thus, for the temperature interval 20 ° to 100 ° C. : 

Substance. c. 

Methyl valerate, CH 3 (CH 2 ) 3 COOCri 3 . . 0*5028 

Ethyl butyrate, CH 3 (CH 2 ) 2 COOC 2 H 5 . . 0*5044 


Allyl alcohol, CHgiCH.CHgOH . . 0*6441 

Propaldehyde, CH 3 .CH 2 .CHO . . . 0*5794 

An interesting case is that of nitromethane, which is capable of 
existing in two tautomeric forms (p. 208), viz. 

CHg.N^ CH 2 : N< 

\OH 


These isomerides are in dynamic equilibrium. Near 20 ° C. the specific 
heat of the dried liquid begins to fall rapidly to a minimum at about 
80° C. (fig. 92). A maximum occurs below 20 ° C. When this maximum 
has been passed most of the molecules stable at louver temperatures 
have been converted to the other kind, so that as the temperature rises, 
the heat, absorbed in this transformation becomes increasingly less, 
and the falling off more than neutralises the normal rise of the true 
specific heat, with temperature. Above 80° C., c, is negligibly small, 
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so that Ct becomes virtually equal to c, and steadily rises with the 
temperature (Williams, 1925). The presence of moisture raises the 
temperature of minimum specific heat, as shown in the figure. Vapour 
pressure and vapour density curves do not show this interesting feature. 



Fig. 92.—Specific Heat of Nitromethano (Williams, 1925). 


Specific Heat and Molecular Complexity. —When, u])on raising 
the temperature of a substance composed of associated molecules, a 
breaking down into simpler molecular aggregates occurs, a great deal 
of heat may be absorbed in the process. The fact tliat many solid 
substances possess abnormally high specific heats in the neighbourhood 
of their melting points may receive explanation in this way. 

The so-called “ latent heat of fusion ” may be regarded as a special 
example of exceptional sj)ccif1c heat at the melting point, and the high 
value found in the case of ice is attributable to the relatively large 
amount of heat absorbed in converting the ice ” molecules, (HgO^s, 
into “ water ’’ molecules, (H20)2. Water at 0° C. still contains 
appreciable quantities of “ ice ” molecules, and the fluctuations in the 
specific heat of water at A^arious temperatures between 0° and lOO"" C., 
to which reference has already been made (p. 214), is attributable to 
successive depolymerisation of “ ice ” and “ water ” to steam ” 
(HgO) molecules as the temperature is raised, liquid water at 100° C. 
containing appreciable quantities of “ steam ” molecules. Thus : 

(H20)3 ^ ^ H 2 O 

“ Ice ” “ Water ” “ Steam ” 

molecules molecules molecules 

(Trihydrol). (Dihydrol). (Monohyclrol). 

Mixtures of Non-Electrolytes. —In view of the general applic¬ 
ability of Kopp’s Law, it seems reasonable to suppose that a substance 
will retain its normal specific and molecular heats when mixed with 
one or more substances with which it does not combine chemically. If 
so, we may write 


cM + 02^2 H-egma + . . . 


( 8 ) 
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where c is the specific heat of the mixture, Cg, Cg, etc. are the specific 
heats of the constituents of masses mj, Wg, Wg, etc. respectively, and 
M the total mass of the constituents.' 

Experiment shows that many alloys obey this rule at temperatures 
well below their melting points, although near the melting point dis¬ 
crepancies are observed, the spe(*ifie heat being greater than theory 
demands. This may be due to the formation of unstable compounds 
which break down, as the temperature rises, with absorption of 
heat {Ci), 

Mixtures of organic liquids that are either entirely free from associa¬ 
tion or only very feebly associated arc found to conform to equation (8). 
Such are, for example. 

Chloroform and benzene, 

Benzene and carbon disulphide. 

A few mixtures, sucih as benzene and acetic acid, have a smaller 
specific heat than either constituent. Probably, therefore, upon 
admixture, the constituents undergo a certain amount of depoly¬ 
merisation, so that the heat absorbed in doing internal work, namely 



Cj, is less in the mixture than in the separate constituents. In many 
cases, however, the specific heat of the mixture is greater than that 
calculated from equation (8). This suggests a tendency to association 
or the formation of molecular compounds. A mixture of ethyl alcohol 
and water is a case in point (fig. 93). A maximum difference between 
the observed and calculated specific heats occurs at about 80 per cent, 
alcohol concentration, corresponding to CgHgOH.fiHgO. 

SPECIFIC HEATS OF GASES. 

Hitherto we have been concerned mainly with the specific heats of 
solids and liquids, and in general it has not been necessary to consider 
the effect of in the equation (p. 212) 


(3) 
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because, in these cases, is negligibly small. With gaseous bodies 
may or may not be negligible, according as the specific heat of the gas 
is determined at constant volume, or constant pressure, Of 
these two specific? hciits that at constant pressure is the greater, and 
exceeds that measured at constant volume by the thermal equivalent 
of the work required to overcome the resistance offered by the atmo¬ 
sphere to the expansion of the gas. 

It is often convenient to take as our unit of mass of a gas its gramme- 
molecular weight. We thus ol:>tain the molecular heats, w^hich are 
denoted by (\ and (\.. If M is the molecular weight of the gas, 
and We may therefore write equation (3) as 


follows : 


Me —Mci +Mci 


or 


Siij)pose, now, that we raise the temperature of a truly monatomic 
gas, keeping the volume constant. Both Cg and may be neglected, 
and hence 

c-cv 


The whole of the add(?d heat is thus utilised in raising the temperature, 
that is, in increasing the kinetic energy of the molecules. 

Since the average kinetic energy, E, of a gramme-molecule of gas is 
lN?nu^ (p. 55), it follows (p. 55) that 


whence 


E==},RT . 


( 0 ) 


If, therefore, a gramme-molceule of monatomic gas is w^armed at 
constant volume from T to 2^ + 1 degrees, the increase in kinetic energy, 
SE, or, in other words, the molecular heat at constant \'olume, is 
given by the expression 


= 3 gramme-calories. 


since R is approximately 2 (p. 40). 

The values obtained for the molecular heats of helium and argon at 
constant volume are given in the table on p. 230, and closely approxi¬ 
mate to 3. These gases therefore are monatomic. 

If, now, instead of keeping the volume constant, we allow the gas 
to expand at constant pressure as the temperature rises through one 
degree from T to 2’ +1, more heat is absorbed, because the gas has to 
make room for itself by pushing the atmos])here away. Denoting the 
molecular heat at constant pressure by ordinary atmospheric 
pressure being understood, and writing the initial and linal molecular 
volumes of the gas as and V respectively, it is clear that the differ¬ 
ence between the two specific heats equals the external work done: 


=P(F~Fo) 

-i?(T + i)-jBr 

^R .( 10 ) 

« 2 gramme-calories 
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on the assumption that we are dealing with an ideal or perfect gas 
which obeys the gas laws absolutely. From this it follows that 

.p w ”r 

= 2+3 

= 5 gramme-calories 

and the ratio 



«> 


This, of course, only ajiplies to ideal n\onatomi(! gases, for which Ci 
is negligibly small. Heference to the table below will show that 
both helium and argon conform very (doscly to the foregoing, C^ being 
approximately 5 calories and y very nearly 1-G7 in both easels. In 
addition to the inert gases, the vapours of many metals, such as 
potassium, sodium, mercury, zinc, etc., are found to be monatomic, 
the ratio of their specific heats being approximately 1*G7. 

For polyatomic molecules C, is not negligible, and 


c„ c,+ c, + c, 

^ C, Ct + (\ 

3 + I 


( 11 ) 


As Ci increases, the ratio steadily falls, always tending towards unity. 
For diatomic gases, such as Hg, Ng, Og, etc., the value of y approximates 
to 1*4 ; for triatomic gases, such as ('Og, y falls to about 1*3; and so 
on, indicating that, as the mole(‘ular complexity increases, more and 
more of the absorbed heat is utilised in doing internal work within the 
molecule. 

Molecular Heats of Gases. 

(Seheel and lleusc, 1912 to 1919.) 


Gas. 

Formula. 

Temp., 

X’. 

c,. 

C\.. 


y=^0JC,. 

Arfifon 

A 1 

+ 15 

5 07 

307 

2 00 

1G5 



-ISO 

5-31 

301 

2 30 

1-7G 

Helium 

lie 1 

+ IS 

4'99 

301 

1*98 

l-GG 

-180 

4-93 

2-95 

1-98 

1-67 

Hydrogen . 


+ 16 

G-SG 

4-88 

1-98 

1 41 


“2 1 

-181 

5-33 

3-34 

1 -99 

1-GO 

Oxygen . 

0 , 1 

+ 20 

G-98 

4-99 

1*99 

1*40 

" 1 

-181 

7*30 

5-04 

2-26 

1-45 

Nitrogen . 


+ 20 

6-98 1 

4-99 

1-99 

1-40 

Air . 


+ 20 

G-97 

4-97 

2-00 

1-40 

Carbon monoxide 

CO 

+ 18 

701 

501 

2 00 

1-40 

Nitrous oxide . 

NjO 

+ 20 

9-24 

7-20 

2-04 

1-28 

Carbon dioxide . 

CO, 

+ 20 

8*88 

G-85 

2-03 

1-30 

Methane . 

CH, 

+ 15 

8-50 

G-50 

2-00 

1-31 

Ethane 

C,H./ 

+ 15 

12-40 

10-38 

2-07 

1*20 


^2^* (6 1 

- 82 

10-44 

8-15 

2-29 

1*28 
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y is not only affected by the number of atoms in the molecule, but 
also by their nature. Thus, for example, by the substitution of chlorine 
for hydrogen in methane, the value of y progressively falls, although 
tht^ actual number of atoms in the molecules is constant (Capstick, 


1895). The values obtained were 

Y 

Methane, CH 4 .1-313 

Methyl chloride, CH3CT . . . 1*279 

Methylene chloride, CH 2 CI 2 • • • 1*219 

Chloroform, CHCI 3 .... 1-154 

Carbon tetrachloride, CCI 4 . . . 1-130 


Effect of Temperature on Cj, and C \.—lleference to the pre¬ 
ceding table shows that the effect of tcm}>erature on the molecular 
heat of helium is very slight. For polyatomic gases the molecular 
heat usually rises with the tcm])erature, and over a considerable range 
the rise is linear. Thus 


Variation of with Temperature. 
(Dixon, 1921.) 


Gas. 

Temperature 

Kange, 

^C. 

c?.. 

Nitrogen .... 

0 to 1000 

4-775 -)■ 0-0004.27’ 

Air ..... 

0 to 700 

4-8 +0-00042’ 

Carbon dioxide . 

Oto 000 

C-3+0-00205r 

+ooooooo7r® 

Methane .... 

0 to 000 

C-C+0-019« 


T-°Abs., f = T. 


If marked dissociation occurs, usually falls with rise of temperature 
as the amount of dissociation taking place becomes less, since C, becomes 
proportionately less, until C, becomes too small to eounterbalanee the 
normal rise in the true specific heat with temperature. 

Effect of Temperature on y ,—The value for y in the ease of the 
])ermanent and stable gases falls only very slightly with rise of tem¬ 
perature. Thus, for nitrogen the following values have been obtained 
(Dixon, 1921) : 

Temperature, °C. 0 100 200 500 1000 

y (Nitrogen) 1*408 1*404 1*400 1*389 1*374 

Methods of Determining —Since very considerable volumes of 
gases are required for the accurate determination of their specific 
heats at constant pressure, it is usual to pass a known mass of the gas 
at constant temperature through a calorimeter at a slightly different 
temperature and measure the heat liberated or absorbed. 

As an example the apparatus used by McCollum (1927) for the 
determination of the specific heat of nitrogen tetroxide may be in¬ 
stanced. The essential features are shown in fig, 94. The pure, dry 
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gas was made to circulate through a coil in a large calorimeter A, kept 
at constant temperature ti. Each cubic centimetre of gas took about 
45 minutes to pass through the coil, before it entered into the slightly 
warmer calorimeter B, which w^as oil-lillcd and fitted with an electrical 
heating coil by whi(*h it was maintained at Each cubic centimetre 
of the gas remained in B for 4 minutes and escaped at The heat, 
absorbed by the gas in rising from to ^ 2 ° was, of course, equivalent 



Fig. 94.—McCollum’s Apparatus for Specific Heat of NgOj at Constant Pressure. 

to the electrical energy supplied through the heating coil, and could be 
calculated from Joule’s Law^ (1841) embodied in the expression 

gramme-calories . . . (12) 

4*19 

where A is the current in amperes, 11 the resistance of the coil in ohms 
and 6 the duration of the passage of the current in seconds; whence, if 
m is the mass of gas passing through the calorimeters, the mean specific 
heat is given by 

H 

-^2/j0/4a9m(i2-fi) . . . (18) 

By making the temperature interval -h) sufficiently small, the true 
specific heat at constant pressure may be obtained directly. 

Methods of Determining —^Of these, one of the best known is 

that introduced by Joly (1892), the principle of which is to determine 
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the amount of steam that must be condensed in order to raise the 
temperature of a given mass of gas from that of the room to 100° C. 

Two (‘opper spheres A and li (fig. 95), fitted with catch pans C, 
are exhausted and suspended by wire in a box at room tcm[)erature, <, 
each hanging from one arm of a balance. Stc^am at 100° C. is admitted 
to the box ; some condenses on the cold spheres and collects in the 
catch pans. If the heat capacities of the two spheres arc the same, 
equal quantities of water collect and equilibrium is maintained. If 
the balance is dellec*tcd, ecjuilibriuin is restored by adding the necessary 
weights to Pj or Pj,. Wires Wj and Wg are electrically heated and 



Fiq. 95.—Joly’s C-alorirneter for Determining the Specific Heat of a Gas 
at Constant Volume. 


prevent condensation of moisture on the sus])ensiou wires. The 
spheres arc now removed, dried, and A is filled with gas under pressure, 
say 40 atmospheres, 11 remaining exhausted. On replacing in the box 
the balance is readjusted on account of the gas content in A. On 
admitting steam, more w-ater collects on A than before, because heat is 
absorbed in raising the temperature of the enclosed gas. The mass w 
that must be added to Pg to restore equilibrium is equal to the mass 
of that extra water. The heat absorbed by the gas, therefore, is a’/, 
I being the latent heat of steam, whence the mean specirie heat of the 
gas is given by 

-^wlhnllOO-t) . . . . (14) 

where m is the mass of the gas in A. The w^atcr equivalent of A does 
not enter into the calculation, as this is compensated by B. 

An explosion method has been developed mainly by Berthelot, Le 
Chatelier, Pier (1908 to 1910) and Bjerrum (1912). A known amount 
of electrolytic gas, for example, diluted with an inert gas, such as 
hydrogen, oxygen or argon, is exploded in a steel bomb by the passage 
of an electric spark, the whole being kept cool in a bath of water. If 
is the final temperature of the bath, and f 2 fhe maximum temperature 
of the explosion, it follows that: 

Q = +m2Cr,^2) 

where Q is the heat liberated by the explosion of the electrolytic gas, 
Ml and Cfni the mass and mean specific heat of the steam, presumed 
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known, and the known mass and unknown mean specific heat of 
the inert gas. 

The value of is determined indirectly by noting the maximum 
pressure, p 2 » attained in the explosion, and applying the equation 

p, (<i+278) 

where is the initial pressure. A correction must, of course, be applied 
to allow for the change in volume owing to the formation of water. 
The main difn<‘ulty is to ascertain the maximum pressure. Pistons 
working against steel springs do not respond sullic^iently rapidly. Pier 
covered a hole in the bomb w^ith a steel membrane which carried a 
mirror, so that a beam of light could be rcllccted on to a rotating drum 
and its movement photographically recorded. 

Determination of the Ratio —(1) One of the most 

convenient methods for determining this quantity depends upon the 
relationship between the specific heats and the velocity of sound in 
the gas. The velocity, of the propagation of sound waves in an 
elastic medium, according to New+on’s formula, is given by 

“-Vt.0=) 


where d is the density of the medium and the coefficient of elasticity 
of the gas under adiabatic compression. is greater than the 
coefficient of elasticity, E, under isothermal compression, E being 
equal numerically to the pressure, p. The ratio between these two 
elasticities is the same as that between the two specific heats, namely 


E<f, 

E 



(16) 


If, therefore, in the gas under investigation, A is the wave-length of 
a sound of frequency n, and if the isothermal elasticity is p and the 
density d, we have 




(17) 


where D is the density of the gas under unit pressure. Writing and 
Z>i for the corresponding quantities in another gas for w’hich the value 
of yi is known, the wave-length A^ of a note of the same frequency n 
will be given by 

whence 


y _ XW 


( 18 ) 


As the ratio pjd is independent of the pressure, we do not require to 
know the actual pressures and densities of the gases in the two cases, 
and any variation of temperature can be allowed for in the values of D 
and jDj, though it is usual, for the sake of simplicity, to adopt the same 
temperature in each case. 
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Air, for which y = 1*403 (Partington, 1913), is used as the standard 
gas, and the determination of y for any other gas thus resolves itself 
into a comparison of the wave-lengths of the same sound in air and in 
the gas. This is usually accomplished by a method due to Kundt 
(1866), and the foregoing equation becomes 

ypas-l*403AVJW^^air • ‘ • . (19) 

where the density of the gas is expressed relative to that of air. 

The particular form of Kundt’s tube used by Ramsay and his 
co-workers (189.5) in determining the value of y for the inert gases is 
shown in fig. 96. A long tube T, which may be of narrow })orc (2 mm.), 
is closed at one (Mid, and through this end is sealed a glass rod R, half 
of whicli is inside and half outside the tube. Some lycopodium powder 



Fio. 96.—Kunfit’s Dust Tube. 

is distributed along the tube, dry air is introduced, and the rod R is set 
into longitudinal vibration by rubbing it with a rag wet with alcohol. 
By moving the clip C on the thick-walled rubber tubing fitted to the 
open end of T, the length can be adjusted till the tube resounds to the 
note. The stationary waves thus set up in the tube by interference 
between the waves incident upon and reflected from the ends of the 
tube are made evident by the disj)osition of the lycopodium, which 
is swept away from the j>oints of greatest movement and heaped up 
at the nodes. The distance between adjacent nodes—the half wave¬ 
length—is determined by direct measurement. The tube is next 
evacuated, filled with the gas under examination and the measurement 
of w'ave-length repeated. 

Owing to the lightness of helium it is difficult to get good dust 
figures with this gas. The following values for y liave been obtained 
by this method : 

Helium . . 1*652 Krypton . . 1*689 

Neon . . 1*642 Xenon . . 1*666 

Argon . . 1*65 

(2) Dixon and his eo-workers in 1921 made a direct determination 
of the velocity of sound in various gases oa er a wide range of tem¬ 
peratures, e.g. in the ease of nitrogen, over 0° to 1000° C. Having 
ascertained that the velocity of sound, like the velocity of an explosion 
wave (V’ol. II.), is the same in coiled as in straight tubes, these investi¬ 
gators sent sound waves through coiled tubes of lead, silica or steel, 
containing various gases, and noted the time taken for transmission. 
Each end of the coiled tube was fitted with an apparatus similar to 
that shown in fig. 97, wdiich is self-explanatory. As the sound wave 
generated by the electromagnetic hammer striking the steel tympanum 
passed the platinum disc P, a mark was made by a self-recording 
chronometric apparatus, and a similar mark was produced when the 
wave reached the other end of the coiled tube and moved the corre¬ 
sponding piston. The coil measured from 15 to 20 metres in length 
and from 25 to 30 mm. in diameter. 
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P 


Water 

To' 



Coil 




Cooler 



Steel 

tympa.num 


q 


Hammer 




FiCJ. 1)7.—Dixon’s Apparatus for Determining Velocity of 8oun(l in Gases. 


Since the velocity of sound conveyed through a tube is not quite 
the same as when the gas is “ free,” special corrections had to be 
applied. 

The following results were obtained : 


Gas. 

Velocity of Sound (metres per second). 

y==C\!C\ 
at 0° C. 

0® C. 

100 ° C. 

500° C. 

Nitrogen 

337-5 

394 

504-5 

1-408 

Carbon dioxide 

258 

300 

420 

1 -290 

Methane 

429 

487 

07 b 

1 -301 


The value for y was calculated with the aid of the Berthelot-Warburg 
equation : 

. . ( 20 ) 

where v is the v elocity of sound in the gas of molecular weight 3/, R 
the gas constant, T the absolute temperature of measurement, tt the 
ratio of the pressure to the critical pressure, i.e. and r is similarly 
T\l\. 

It will be noted that the velocity of sound in a gas rises very appreci¬ 
ably with the tem})eraturc. 

(3) The cooling obscrv'cd during the adiabatic expansion of a gas 
from a high pressure to a low one has been utilised in calculating y. 
This method was used by Clement and Desormes in 1812 although the 
results were not published until 1819. The essential features of the 
apparatus used by Partington, who adopted an improved form of this 
method in 1921, are shown in fig. 98. Air from a steel cylinder under 
100 atmospheres pressure was passed into a large globe of hammered 
copper, S, of 120 to 130 litres capacity, immersed in a water bath. A 
bolometer, B, enabled the temperature to be read to 0 01° C., and when 
the whole had attained a steady temperature, T, the expansion valve 
was opened, when the air in S fell to atmospheric pressure, P, and to a 
temperature 
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Assuming the initial j)ressure of the air to be Pj, the value for y can 
be calculated from the equation (see p. 289) : 


or 



log Pi - log P 
^ - log i^)-W 


( 21 ) 


A correction must be aj^plicd for heat interchange, for radiation and 
for the fact that gases under high pressures deviate somewhat from 
the gas laws. The value of y obtained for air at 17° C. was l* t03. 

Molecular Heat and Dissociation. —An interesting exanqde of 
the influence of dissociation uj^on the mole(*ular heat at constant 
pressure is afforded by nitrogen tetroxide, which, at the ordinary 
temperature, consists of N2O4 and NO 2 molecules in dynamic equili¬ 
brium. The molecular heat of the gas at various temperatures was 
determined by McCollum (1927) using the apparatus shown in fig. 94, 
a steady flow of the pure gas being obtained by allowing the liquid 
substance to evaporate at the requisite speed. The heat of dissociation 
of gaseous nitrogen tetroxide is approximately 18,000 gramme-calories, 
a value that is very large compared with the molecular heat, so that Ci 
(equation (8), p. 228) at first exerts an enormous influence on the 
value obtained for c. 

The equation representing the apparent molecular heat at constant 
pressure may be written as follow^s : 

CV = (l-a)CN.o.+2aCNO.+8e^ . . (22) 

where a, as usual, represents the extent of dissociation, SQ the heat of 
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dissociation of one gramme-molecule of NgO^, and CnjO* and Cno, the 
molecular heats of N 2 O 4 and NO 2 , all at constant pressure. 

In this equation the value for cannot be obtained at present 

with great accuracy. The results obtained for Cj, are shown in fig. 99. 
A maximum is obtained at about 63° C. at which temperature about 
50 per cent, of the molecules are NOg. The molecular heat then falls* 



Fig. 99.—Molecular Heats at Constant Pressure of N 2 O 4 (McCollum, 1927). 


as the number of N 2 O 4 molecules decreases, which means that the value 
for SQ ™ likewise progressively falls. 


Adiabatic Gas Equation. —The numerical relationship between 
the pressure of a gas and its volume as given by Boyle’s Law applies 
only when the temperature is kept constant. When a gas is suddenly 
compressed, its temperature rises, and its observed new volume only 
agrees with that calculated with the aid of Boyle’s Law when its tem¬ 
perature has fallen to the original value. Similarly, when a gas 
suddenly expands, its temperature falls, and it is only when its original 
temperature has been restored by the absorption of heat from sur¬ 
rounding objects that the observed and calculated volumes become 
identical. In other words, Boyle’s equation is an isothermal gas 
equation. 

Let us now seek a mathematical connection between the pressure 
and volume of a gas subjected to adiabatic changes, that is, to changes 
under such conditions that no heat is lost or absorbed by the system 
(p. 38). Suppose, for example, a gramme-molecule of gas is allowed 
to expand adiabatically against a constant pressure P, Any external 
work, Pdr, is done at the expense of the energy of the gas itself, and 
this is indicated by a fall in temperature, dT. We may therefore write 
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‘d passing in unit time is givxn by 


Since PV == ET, it i* 


.istant X ^ = 

Iv 


Kpr^ 
I 


( 1 ) 


or 

For i- 
in ti 


^ cctiou V. xperiment in seconds, 

at mathen' analysis of the problem by Wiedemann 
iagcnbaeh (louO) led to the enunciation of tlie formula 


F = 


Srjl 


( 2 ) 


Sin* 


iCi 

i to 

\;ng 


and 


oiiScan. .acteristic of the liquid. Wiedemann pro* 
this eonstaxiL the “ eoellieient of viscosity.” 



mat equations (1) and (2) arc identical, and the purely 
,ii ormula given by Poiseuillc thus receives theoretical support. 
This rOrmula assumes the following conditions : 

at there is no slip at the surface of the capillary. This may 

.:*d. 

2. '^'’hat the layers of li(j|uid move, without turbulence and eddies, 
ant velocity parallel to the axis of the tube. In other 
aC formula refers to a j)urely laminar flow, 
i c rate of flow is increased, a critical rate is ultimately reached, 
•due of w hich depends both upon the tube and the liquid, at which 
cnee arises, the liquid particles no longer moving in regular paths. 
Si ntical rate of How, other things being equal, is ])roportional 
viscosity divided by the density—the so-called kinematic 
aj sity. 

That there is no kinetic energy of clllux. This, however, cannot 
it *y well be arranged, for obviously the moving liquid as it leaves 
le capillary carries away a certain amount of kinetic energy with it, 
"hieh has been obtained at the expense of the pressure p. This can 
jQ allowed for by ap})lying wdiat is known as the Couette correction, 
<^whieh consists in subtracting from the viscosity coeflieient the quantity 

Vd 

8ttI 


where d is the density of the liquid. With jiarrow^ capillaries and small 
pressures this eorrection may become very small, especially w ith liquids 
of high viscosity, so much so that in many cases it may be neglected. 

The pressure, p, is frequently obtained by arranging a head of the 
liquid. If h is the effective head, 


p==hgd. 


Inserting this value into equation (2), and applying the Couette 
correction, we obtain 


Trhgdr^e Vd 
8 FI 8jrW • 


(8) 


where 9 is the duration of the experiment in seconds. 

VOL, I, 
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This equation may be simplified to : ^ 

r)-^Ad6-^~ .... (4) 

where A and B are constants for each apparatus, and the liquid 
volumes are the same. 

Measurement of Absolute Viscosity.—The direct experimental 
measurement of the absolute viscosity of a liquid requires considerable 
manipulative skill. The apj)aratus used by Koch (1881) is shown 
diagrammatically in fig. 100. Tubes A, B and C have the same radius r^. 
The liquid in A is allowed to fall from Aj to Ag, that in C rising from 



Fig. 100. —Koch’s Apparatus for Absolute Viscosity of Liquid. 


Cl to Cg, the time occupied being 6 seconds. Clearly and are the 
initial and final “ heads.’’ 

If we assume that, in the course of an experiment, the small volume 
dV of liquid is passed through the capillary tube in dO seconds, 
equation (2) may be written 

.... (5) 

where h is the variable head of liquid at the moment. 

Now the connection between V and h is given by the expression 

.... ( 6 ) 

Inserting this value into equation (5) and integrating, wc obtain 

TT{hi — h^gdr^d 

sniog.|r 

The temperature must, of course, be rigidly controlled during each 
experiment. 

The viscosity coefficients of a few typical substances at 20® C. are 
given in the following table ; 
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Viscosity Coefficients at 20® C. 


Substance. 

7) X 10*. 

Substance. 

7} X 10*. 

Hexane 

3-20 

Benzene 

6-49 

Heptane 

4; 16 

Toluene 

5-90 

Octane . 

5-42 





Methyl alcohol 

5-91 

Chloroform . 

5 64 

Kthyl alcohol 

11*9 

Carbon tetrachloride 

9-69 

Propyl alcohol 

22-5 

Carbon disulphide . 

3-67 





Formic acid . 

17-8 

Mercury 

15-6 

Acetic acid 

12-2 

Bromine 

9-93 

Propionic acid 

110 


Relative Viscosity. —For many purposes a knowledge of relative 
viscosities is all that is required. For this purpose the Ostwald 
viscometer is widely used. A usual form is shown 
in fig. 101 . A definite quantity of w'ater is added 
to the wide left limb and drawn up the right limb 
to C, slightly above the graduation mark A. The 
quantity of liquid should be suflieient to fill the 
viscometer between C and C' a]>proximately. The 
licpiid is now allowed to flow back and the time 
taken for the meniscus to travel from A to B is 
noted. Denoting this time by d, it is clear that 

0 cerj 
1 

whence 

')'] — kd0 

where d is the density. Since rf (see table, p. 246) 
and d for w^ater arc known it is easy to calculate k, 
which is the constant for the instrument. 

For a second liquid 

The viscosity of this second liquid is thus obtained pjQ, lOl.—Tho Ostwald 
relative to water, and may be expressed either rela- Viscoraetor. 
lively, by taking the viscosity of water under the 
experimental conditions as unity, or, if desired, the actual value of 17 
for water may be introduced into the equation. 

It is important to ensure that the mean head of liquid shall remain 
constant in all the tests ; this is effected for all ordinary ])urposcs by 
employing a constant volume of liquid throughout. 

The Falling Sphere Viscometer. -A sphere falling through a 
viscous liquid soon attains a constant velocity, u, the magnitude of 
which is given by Stokeses formula 
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2r»g{d- di) 

Or, 

where g is the acceleration due to gravity, r the radius of the sphere, 
and d and di the densities of the sphere and liquid respectively. This 
expression is valid provided 

1. There is no slip between the surface of the sphere and the liquid. 
This may be con(*edcd. 

2 . The velocity of the falling sphere is small. This can be arranged 
experimentally. 

3. The size of the containing vessel is infinite, so that no disturbing 
effect shall be introduced by the walls. This condition cannot, of 
course, be realised experimentally, but it can be shown that the velocity 
of a sphere, falling axially through a liquid contained in a long cylinder 
of radius 7?, is given wdtli considerable accuracy by the expression 

2r-g{d-d,) 

Or,(l+‘2-tr-/Kj' 

As the correction term (1 +2‘tr/77) is independent of r;, the relative 
viscosities of two licjuids of densities d^ and d^ can readily be deter¬ 
mined by inserting the times of fall for them, 0^ and 02 , into the 
following equation : 

rj2 d-d2 O 2 

where d is the density of the sphere. 

A simple form of the falling sphere viscometer is show^n in lig. 102. 
Small steel balls generally are used, the diameters of which range from 
about 1*6 to 3*2 mm. for li(|uids of viscosity ranging from 10 to 250 
poises. The ball is droj>ped into the tube containing the liq\iid being 
tested at A and the time required for it to fall from B to C is noted. 
The large cylinder is a water bath, fitted with thermometer, T, and 
stirrer. 

In 1890 Couettc devised an apparatus for determining the viscosity 
of liquids by means of concentric (ylinders, and a modified form of the 
apparatus, due to Ilatschek (1913), has been used extensively in study¬ 
ing the viscosities of emulsoids (p. 448). The essential features of 
Hatschek’s viscometer are shown in fig. 103. A cylinder C, provided 
with fixed guards A and B to })revent irregular action at the ends, is 
suspended in a cylindrical vessel, D, on a rotating stand. As D rotates, 
the liquid drags C with it, until the twist on the suspension wire 
neutralises the effect. The deflection, S, is noted with the aid of the 
mirror M. 

The instrument is graduated first with water. It is clear that 

8 oc 

oc u (velocity) 


Once fc, the viscometer constant, has been determined, the instrument 
may be used to determine the viscosity of other liquids. 

For the determination of the relative viscosities of liquids under 
pressure, up to 12,000 kgrm. per sq. cm., Bridgman (1925) used the 
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apparatus shown in fig. 104. A hollow steel cylinder C, with spherical 
ends, fits into a steel tube, leaving a small annular space through which 
the liquid can flow. Pressure is applied and the time taken for the 
cyliiid(?r to fall through the liquid is noted, the moment it reaches the 
bottom of the steel tube being registered eleetric*ally. By turning the 
tube through 180*^ round a horizontal axis whilst its contents are still 
under pressure, the experiment can be repeated as often as desired. 



Fig. 102. —Simple Falling 
Sphere Viscometer. 



Experiments with various liquids of known viscosities showed that the 
times of fall were proportional to the viscosities. 

Since the rate of flow of a liquid is, other things being equal, inversely 
proportional to the viscosity, it is frequently convenient to express 
viscosities in terms of the times required for constant volumes of the 
liquids in question to flow through an orifice under standard conditions. 
This method is largely used in the technical testing of oils. Redwood’s 
viscometer, which is recommended for this purj>ose by the British 
Standards Institution, consists of a copper cylinder wdiich contains the 
oil to be tested, surrounded by a water bath fitted with a heating 
apparatus and stirrer to maintain a constant temperature. At the 
bottom of the cylinder is an agate jet or orifice through which the oil 
is allowed to flow. The viscosity of the oil is expressed as the time 
in seconds required for the outflow of 50 c.c. of the oil. The tests 
are carried out in duplicate and should agree to within 2 0 per cent. 
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In the following table are given the viscosities of w^ater at various 
temperatures : 

Viscosity of Supercooled Water : 

C. . . 0 - 4-7 ~ 7-28 ~ 9-80 

7) (poises) . 0 0180 0 0212 0 0234 0-0255 

Viscosity of Water : 

C. .0 10 20 30 50 100 

T] (poises) 0 0180 0-0130 0*01006 0 0080 0*0055 0*0028 


If a liquid is appreciably more visc‘Ous than water, it may be more 
convenient to determine its viscosity relative to a more viscous liquid 
than pure water. For this purpose the Britisli Standards Institution 
recommend solutions of cane sugar. The viscosities of such solutions 
at 25° C. cati be calculated with great accuracy from the equation 

log rj = 1*95134 +2*9728.r + 3*2212 a’2 24*254^3 


where rj is the viscosity at 25° C. in eentipoises, and cc is given by the 
density of the sugar solution, d, less the density of pure water, that is, 

d - 0*99709, both at 25° C. Thus, for ex¬ 
ample, the viscosity of a sugar solution of 
density 1*17439 at 25° C. is 5*187 centi- 
poiscs. 

Rate of Shear,—It is usually assumed 
that the coefficient of viscosity of a liquid 
is independent of the velocity gradient. 
I'he subject has not received a great deal 
of experimental study, but for w'ater, at 
any rate, it has been found that the vis¬ 
cosity is the same for very low rates of 
shear as for higher ones, provided, of course, 
the critical velocity (p. 241) is not attained. 
Its viscosity cocflicicnt at any particular 
temperature may therefore be regarded as 
a real physical constant. Presumably the 
same is true for other pure liquids. 

Temperature.—The effect of rise in 
temperature is, in general, to reduce the 
viscosity of liquids. For water Poiseuille 
found that 





Vo 




where a and /? are constants, 7^0 and rjt the 
viscosities of water at 0 ° C. and C. re¬ 
spectively. An equation which has been 
found to give results of considerable accu- 
Fig. 104.— Bridgman’s Apparatus racy with a large number of pure liquids is: 
for Relative Viscosities of 

Liquids under Pressure. log 7] ^ + j3 


where a and j8 are constants (Sheppard, 1980). This is similar in form 
to the vapour pressure equation (17) on p. 90. Very good results are 
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also obtained with an equation similar to Kirchhoff’s vapour presstxre 
equation, in which three constants occur. The equation may be 
written as 

log-q-^^ + piogT +y 

where a, j3 and y arc constants (Friend, 1932). Liquid carbon dioxide 
is exceptional for, at low temperatures, its viscosity rises with the 
temperature. 

Pressure.—For all liquids that have hitherto been investigated, 
with the single exception of water, the viscosity has been found to 
become higher at a rapidly increasing rate with the pressure, so that 



on plotting the viscosity (ordinate) against the pressure (abscissa), 
curves with very steep slopes are obtained. This is exceptional, for 
most pressure effects become progressively less as the pressure increases. 

Water is anomalous ; its viscosity at 10° C. and below at first fails 
with increase of pressure (fig. 105), a minimuin being attained at 
approximately 1000 kgrm. per sq. cm., after which the viscosity rises. 
At higher temperatures the viscosity rises as with other liquids (fig. 105). 
The fall at low temperatures is undoubtedly connected with the asso¬ 
ciation of water niolecples to bulky trihydrol or “ ice ” molecules of high 
viscosity, which tend to break down under the pressure, thus reducing 
the viscosity at first to a greater extent than corresponds to the normal 
increase caused by pressure directly. 

Nature of Liquid Viscosity.—The viscosity of a pure liquid 
differs from that of a gas in several important ways. Thus, gaseous 
viscosity rises with the temperature, whereas in almost all instances 
liquid viscosity falls with rise of temperature. Again, within limits, 
gaseous viscosity is independent of the pressure, whereas, in general, 
liquid viscosity increases with the pressure. In gases, viscosity is 
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due to the passage of gas molecules from one layer to the next, a 
process that impedes the flow of the layers. In liquids, however, 
viscosity is believed (Andrade, 1930) to be due to an interchange of 
momentum between adjacent layers, effected by a temporary union of 
molecules, which, however, docs not persist for longer than the brief 
time retpiired for the molecules to acquire a common velocity of trans¬ 
lation—a temporary “ holding of hands between individuals of two 
parallel rows moving past one another ” rather than a “ stepping 
bodily,” as in gases, from one row to the other. The liquid thus orients 
itself or crystallises in minute patches temporarily. At the temperature 
of solidification crystallisation becomes general and permanent; at the 
boiling point crystallisation must be very small. 

Solutions of Non-Electrolytes.—The effect of adding cane sugar, 
which may be taken to represent a typical non-electrolyte, to w'ater is 
to increase the viscosity, and an equation was given on p. 240 whereby 
the viscosity at 25° C. of sugar solution of known density can be 
calculated. The viscosity rapidly falls wdth rise of temperature, much 
more rapidly, indeed, than does that of the pure solvent, so that the 
ratio of the solut ion viscosity -q to that of water 7/„, at the same tempera¬ 
ture steadily falls with rise of temperature. Thus, for a GO })er cent, 
cane sugar solution ; 

Temp., °C. . .0 20 50 100 

. . , 133-0 50-2 25-4 11-8 

In general the reverse has been found to hold for solutions of electro¬ 
lytes in water. Most electrolytes increase the viscosity of w^ater; 

rise of temperature re- 
du(‘es the viscosity, but 
to a less extent than 
that of pure water, so 
that the ratio 7]l7]w in¬ 
creases with the tem¬ 
perature. A few alkali 
metal and ammonium 
salts at first reduce the 
viscosity, producing 
what is called a negative 
viscosity; a minimum 
viscosity is reached, after 
wdiich further increase 
in salt concentration 
raises the viscosity, 
which may ultimately 
exceed that of the water 
itself, as shown in fig, 
106. 

^ 2 3 4 5 6 Chemical Consti- 

Gramme-equtvs. per Litre tution. — That a con- 

Eig. 106.— r\ for Aqueous Solutions of Ammonium Salts should exist be- 

(Getman, 1908). tween viscosity and 

chemical constitution is 
to be anticipated, and a few general rules have been found. For example, 
in a homologous series the increase in viscosity in successive members 
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bears a rough proportionality to the number of CHg-groups. Alcohols are 
in general more viscous than the corresponding ketones, and normal esters 
than the u' 0 “Com])C)unds. Halogens, hydroxyl and the NOg-group, when 
they repla(*c a hydrogen atom, increase the viscosity. As illustrating 
the effect of hydroxyl, mention may be made of ethyl acetoacetate. 
On standing arier being frcslily distilled, its viscosity steadily increases 
in consequence of gradual change from the ketonie to the enolic form, 
namely CH 3 C:O.CH 2 .C:OOC 2 n 6 to CH 3 C(OH) : CHCOOC^H.^. 

An empirical relationshi]) between ^ iscosity and molecular volume 
is as follows : 


5^x10® 

Mv 


40 to 60 


for non-associated liquids, but greatly exceeds this amount for associated 
liquids (Dunstan, 1000). From the data given below it will be noted 
that substances containing the hydroxyl group show considerable 
association. 


Substance, 

Formula. 

ij X 

Renzeiie ..... 

('cHe 

65 

Toluene ..... 


58 

Chloroform .... 

circi. 

67 

Acetone ..... 

cnjcocii,, 

43 

Water ..... 

noH 

493 

Glycol ..... 

CirpiLClIaOH 

2750 

Lactic acid .... 

ciia.ciroii.cooii 

5410 


Since Mv represents the molecular volume, represents the 

area over which an equal number of absolute molecules is distributed ; 
it is therefore called the molecular surface. The product of this into 
the viscosity, nauK^ly rj(Mv)^<^ , thus re])resents the force in dynes 
required to maintain a molecular surface in motion with unit velocity 
relative to a second surface unit distance from it. This is termed the 
molecular viscosity, and was found by Thorpe and Rodger (1894) 
to be additive at the boiling j}oint. Atomic and structural constants 
could thus be evaluated and the molecular viscosities of normal sub¬ 
stances of known constitution could be calculated. The following 


atomic and strxictural constants were determined : 


H . . . 

80 

S . . . 

. 155 

C . 

. -98 

Cl . 

. 284 

O (hydroxylic) . 

. 196 

Double bond 

. 113 

0 (ethereal) 

35 

i^o-union . 

15 

0 (ketonie) 

. 248 

Ring formation . 

. 610 


A good example of the calculation is given by propionic acid, 
CgHftCOOH. Thus: 
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6 H. 

480 

0 (hydroxylic) ..... 

196 

0 (ketonie) . . 

248 


924 

3C. 

. -294 

Molecular viscosity at boiling point 

630 


The observed value was C30. 


A more important observation is that the logarithm of the viscosity 
ooetlieient possesses an additive character, like molecular volume, for 



Fio. 107.—^Apparatus for Deter¬ 
mining Transition Points of 


example. It is thus often possible to cal¬ 
culate with fair accuracy the viscosity of a 
compound from values for the atomic and 
group constants that have been evaluated 
from existing data (Dunstan and Thole, 
1909). The following values for log rj x 10® 
hold for 20^ C. : 


CH, . 

log X 10^ 
. 4-0*107 

11 

. -f 0*934 

OH 

. -+-2*102 

CO 

. -+-0*407 

O (ethereal) . 

. -f 0*098 

COOC^Hg . 

C 

. -M-573 

. -1*761 

Double bond. 

. -+-1*847 

/w-union 

. -0*030 


A very good example of the calcula¬ 
tion is afforded by i.yobutvl ethyl ether, 
(CH3)2CHCH20C2H5. Thus ; 



log tj X 10®. 

ecH, . 

. 0*642 

0 . 

. 0*098 

2 H 

. 1*868 


2*608 

/so-union 

. -0*030 


2*578 


Soluble, Hydrated Salts 
(Hartshome, 1924). 


- log 0 00878 X 10®. 


The calculated viscosity coefficient is thus 0*00878 poise, the observed 
value at 20® C. being 0*00376 poise. 

Transitional Points may be determined viscometrically. A con¬ 
venient apparatus for determining the transition points of soluble, 
hydrated salts, by the use of a combined stirrer and viscometer, is 
shown in fig. 107. The solution and crystals are vigorously stirred at 
successive temperatures and either their relative viscosities or times 
of flow, 0, are noted. On plotting if] or $ against the temperature, 
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breaks are obtained in the curves at the transition points. The 
following salts have been found to work well: 

NajSO^.lOHaO ^ NajSO, + lOHjO 
Na2HP04.12H20 NagHPO^.rHjO + 5H2O 

NiSOi.THaO NiSO^.ellaO +HaO 

Emulsoids possess many exceptional features, and their viscosities 
are discussed in a later chapter. 



CHAPTER XIV. 


SURFACE TENSION AND THE PARACHOR. 

It has long been observed that liquids behave as if their surfaees are 
covered with a thin, elastic skin, wlii(‘h tends to eontraet and reduce 
the surface area to a niininmin. This is due to the mutual attraction 
of the molecules of a liquid, for the surface molecules are attracted 
towards the interior of the liquid without ex])eriencing a eom})ensating 
pull in the opposite direction. Once they leave the surface, the mole¬ 
cules are attracted equally in all directions, so that the effects due to 
attractions in different directions neutralise each other or mutually 
cancel each other out. The ]>ull on the surface molecules is known as 
surface tension, and manifests itself in a number of curious pheno¬ 
mena, such as the formation of spherical drops, the flotation of dense 
solids on liquids of lower density, and capillarity. It was not until 1751, 
howxw’cr, that the conception of surface tension w as introduced, namely, 
by von Segner. 

Some simple experiments illustrating surface tension are as follows : 
If we take an ordinary camel-hair brush and hold it* in a beaker of 
water, the hairs spread out in much the same way as they do when 
dry in dry air.. But if wx withdraw^ the brush from the w\ater the 
hairs appear to be glued together. 

If a copper wire, bent into circular form and having a piece of silk 
thread tied loosely to two op])Osite points, be di])ped into soap solution 
so that a thin soap film stretches across the disc upon withdrawal, the 
silk thread will swim easily in the film, because it is acted upon by 
the surface tension of the film in cnxry direction. But if the film is 
punctured, say, in its upper half A (fig. 108), the silk is now subjected 
to pull only on its B side, where the soap film is intact. The result is 
that the thread assumes the shape showT\ in the figure, the area of the 
film B being reduced to a minimum. Similarly, if the thread contains 
a loop, and the film within the loop is punctured, the looj) assumes a 
circular form C, as a circle has a maximum area for a given circum¬ 
ference. The soap film outside the loop has thus reduced its area to a 
minimum. 

The surface tension of water is reduced by the addition of ethyl 
alcohol. If a little coloured water is poured into a flat-bottomed dish 
in just sufficient amount to form a shallow layer, upon touching the 
water at some point with a glass tube that has been dipped in alcohol, 
the liquid will rush away from the part touched and show the bottom 
of the dish. This is because the water has a greater surface tension 
than the solution formed where the glass rod touches it, so the water 
surface contracts, causing the surface of the solution to expand. 

The difference in the surface tensions of water and of aqueous 
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solutions of alcohol is the cause of the peculiar movements up the sides 
of a wine glass containing strong wine. The liquid cTeeps up the sides 
of the glass above the general level of the wine, gathers into drops and 
runs down again. The reason is, that the wine on the side of the glass 
loses alcohol by evaporation more rapidly than elsewhere ; its surfat'e 
tension therefore increases and it pulls iqj more wine IVorn below. This 
process continues until so much liquid has been drawn uj) that a drop 
forms, which trickles ])aek into the wiiu^ again. This movement in 
strong wines has long been known ; indeed, it is referred to in Holy 
Writ, where we read (Prov. xxiii, 31): “Look not thou upon the 
wine when it is red, when 
it giveth his colour in the 
cup, wdien it moveth itself 
aright.” 

A solution of grease in 
benzene has a higher sur¬ 
face tension than pure 
benzene. If a spot of grease 
has fallen on to one’s coat, 
the natural thing to do is to 
add benzene and rub with 
a cloth, then add nK)re 
benzene and rub again. 

Hut this is not a good 
policy, heeaus(' the greasy 
benzene has a liighev surface 
tension than the pure solvent 
and, on adding the second lot of benzene the greasy solution pulls it 
out in all directions and the grease spot sj>reads. If, however, a ring 
of pure benzene is first made ixnind the gr(*asc spot, on ap|)lying benzene 
to the grease the greasy solution jndls the benzene from the ring inwards 
into a hea}), and its removal with a fresh rag is thus facilitated. 

The dancing of camphor on w^ater is due to a similar cause. The 
piece of camphor is* continuously dissolving in the water, yielding a 
solution of low'cr surface tension than the water. If, therefore, the 
camphor is irregular in shape, or if dissolution at any ]:)oint proceeds 
irregularly, the side of least solution concentration will possess the 
greatest surface tension and the camjDhor wdll be dragged in that direc¬ 
tion. A very thin layer of oil is sulhcient to prcAxnt the movement 
of camphor on w^ater by reducing the surface tension. A 2 /x/x layer 
will effect this. IMany substances besides camphor show^ this move¬ 
ment. Chief among these arc thymol, menthol and p-toliiidine, the 
last-named showing the most vigorous action of all. 

Definition of Surface Tension. —If wx allow a soap film to form 
in the more or less triangular area between the straight wdre AH and 
the curved wire CDE (fig. 109) and then suspend the whole vertically 
from the point D, the loose wdre AB will slide dowm under the influence 
of gravity towards CE,. but ultimately wnll come to rest at some place 
as shown on the figure when the upw’^ard pull of the soap film balances 
the downward pull due to gravity. 

Let m be the mass of the sliding wire AB, a the surface tension 
exerted across unit length of the film and I the length of AB in actual 
contact with the film ; then, the film having two surfaces, one in front 





<7 is usually measured in dynes per centimetre, 
unit, and its dimensions are 


H=[F][L-i] 


= [MT-*]. 


It is clearly a derived 


The surface tensions of a few liquids are given in the table on p. 263. 
Drop Formation.—Since a sphere possesses the minimum surface 
for a given volume, there is always a tenrlency for small isolated portions 
of liquid to assume a spherical shape. If, therefore, water is allowed 



Fig. 109. Fio. 110.—Illustrating Drop Formation. 


to escape very slowly from a burette a drop gradually forms, as shown 
in fig. 110. As the volume of the w^ater increases, the effect of gravity 
becomes more pronounced; the winter sags more and more in the middle, 
ultimately forms a neck at B and breaks away in almost perfectly 
spherical form. 

If, now, the water in the burette is replaced by oil, and the end of 
the burette is made to dip into an aqueous solution of alcohol of similar 
density to the oil, the effect of gravity is neutralised, and the oil, on 
flowing in, forms a perfect sphere. 

If two burettes are taken, one containing water and one alcohol, 
and these liquids are allowed to flow out slowly into the air, it will be 
observed that the drops of water are appreciably larger than those of 
the alcohol. Since the alcohol is less dense than water this cannot be 
a gravitational effect; it is due to the fact that the alcohol has a smaller 
surface tension than the water, so that the force holding each drop to 
the burette is smaller, and the drop more easily breaks away (see 
table, p. 268). In dealing with drop formation, therefore, we have 
two forces to consider, namely surface tension and gravity. 

When water flows out of a jet, it is at first cylindrical in form, but 
as it travels farther from the orifice, necks begin to appear and ulti¬ 
mately the jet breaks up into a series of drops. The gradual breaking-up 
of a jet is shown in fig. Ill, taken from an instantaneous photograph. 
Cylinders of water are unstable when their length is greater than their 
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bottle it always tends to take np a central position, unless the diameter 
of the bottle exceeds some 4 or 5 cm. This is due to the fact that the 
centre is slightly lower than the sides, the curvature due to surface 
tension not being completely eliminated. With 
a bottle or tube of diameter 2*54 cm. the level 
at the centre is 0*11 mm. lower than in a tube 
3*8 cm. in diameter. The difference in level be¬ 
comes inappreciable with greater diameters. This 
means that the surface tensions, as measured by 
llamsay and Shields, were all slightly too high. 

To avoid this error Richards and Coombs used 
the apparatus shown in fig. 115. The glass plunger 
P served to reduce the quantity of liquid required. 

The apparatus was thoroughly exhausted prior to 
sealing, and after determining Hq it ^vas turned 
through 180° and the difference in levels observed 
again. By taking the mean of several readings a 
very accurate result is obtainable. 

Sugden's Differential Method (1921). —This 
consists in comparing the rc'lative heights of the 
liquid columns in several capillary tubes of diff¬ 
erent radii, rj, rg, etc., placed in the same 
apparatus and under identical conditions. As¬ 
suming two capillary tubes are cin])loycd, the 
equation 

rir.,g{iihh+r^-r^)(n-d) 

-- • <“> 

enables the surface tension of the liquid to be 
calculated. One advantage of this method lies in 
the fact that the value of hh only is required ; the 
actual height of the meniscus above the general 
level need not be ascertained, so that no error is 
caused by concavity in the general level. 

The Drop Method. —A drop will cling to the 
end of a tube until its mass is so great that, under 
the influence of gravity, it overcomes the surface 
tension effect and falls. If m is the maximum 
mass of liquid that can hang from a tube of 
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Fro. 114.—Ramsay and 
Shields’ Apparatus. 


can nang irom a 
radius r, since the upper portion of the drop is cylindrical we should 
expect that ^ 

^ mg=27rror .... (9) 


This, however, is, not the case ; for even if the tension at the circum¬ 
ference of the tube acted vertically and the whole of the liquid below 
this level passed into the drop, equation (9) makes no provision for the 
fact that the pressure inside the drop is above atmospheric, owing to 
curvature. This excess pressure equals tt/ct, and if the surface of the 
liquid could be regarded as a cylindrical prolongation of the tube, the 
theoretical formula for the maximum mass of the drop would be 


or 


mg -l-7Tro' = 27rrcr 

mg^trra. .... (10) 
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If the detachment of the drop could be regarded as following im¬ 
mediately, it wotild then follow that 

mg oc r. 

This is Tate’s Law, and was discov^ered by Tate experimentally in 
1864. The law, however, is only approximately true. For tubes of 
moderate diameter tt in equation (10) must be re¬ 
placed by 8*8, thus 

mg-^S-Hra . . . ( 11 ) 

If the diameter is either very large or very small, 
the numerical factor rises above 4. Indeed, it is 
never strictly constant. This is due to the fact that 
the actual detachment of the drop is a complex 
dynamical process, and an adetjuate theoretical 
formula has not as yet been devised to meet the 
situation. For purely eom])arativc purposes, how¬ 
ever, when absolute xalues of great accuracy are 
not required, the droj) method has proved very 
useful. 

Wilhelmy’s Method consists in measuring the 
downward pull exerted on a thin sheet of glass or 
metal partly immersed in the liquid, which wets 
Fig. I15.-Richards and This is effected by susj)ciidii»g the plate from 
Coombs’ Apparatus, onc arm of a balance and then adding additional 
weights, to counteract the pull on the plate 
when it is partially immersed, a correction being applied for the small 
amount of liquid displaced (hg. 116). 



Fxg. 116.—Wilhelmy’s Apparatus. 


If I is the length of the liquid line, it will be clear that 

hW ..... (12) 

Jaeger’s Method, which is useful when relative values only are 
required, consists in measuring the minimum pressure required to force 
a bubble of air from a capillary tube dipping into the liquid. A bubble 
of air in a liquid is spherical and is acted upon by two pressures, namely 

(i) External pressure, due to the surface tension of the liquid, 
which may be regarded as acting on the circumference of 
any ^eat circle dividing the bubble into two hemispheres. 
This is balanced by 

(ii) Internal pressure, P, tending to force the two hemispheres apart* 
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Equating these two, it is clear that, if r is the radius of the bubble 

27rra 
or 

P^2alr .(18) 

Hence the pressure required to detach a bubble of air from the end 
of the capillary tube exceeds the hydrostatic pressure at that end by 
an amount that is directly proportional to the surface tension of the 
liquid. A comparison of the observed minimum pressures, tlierefore, 
indi(*atcs th(^ relative surface tensions. 

This method ap])cars ea|)able of yielding v(‘ry aeeiirate eoTn])arative 
results. With the apparatus shown in fig. 117, Mills and Robinson 
(1981) state that results with a relative aeeuraey of -tO-OOG dyne 



Fic. 117.—Apparatus for Jaeger’s Method (Mills and Robinson). 


per cm. were realised. Mercury, under the control of tap F, ran into G, 
thus causing air, filtered through cotton wool, to be drawn through the 
liquid in A, the manometer, M, registering the difference in pressure. 
Measurements of the height of liquid in the manometer wore made 
with a eathetometer with an aeeuraey of :Ji0-02 mm. The apparatus 
is first standardised by using with, say, water of known surface tension, 
aw, at the desired temperature. Measurements are then made with 
the liquid to be studied, the surface tension of which, is given by 


ai —Ow 


Jet pressure with liquid 
Jet pressure with water* 


Quincke's Method. —The surface tension of mercury has recently 
been determined by Cook (1929) wdth great accuracy using a method 
involving the measurement of a drop of mercury, as originally suggested 
by Quincke in 1871. The essential features of the apparatus employed 
by Cook are shown in fig. 118. Mercury was distilled from A into the 
cup B and the necessary measurements were made with a eathetometer 
through the window C. Fig. 118 (a), which represents an enlarged drop, 
indicates the measurements required. 
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Quincke’s general formula, as modified by Worthington (1885), is 


a h^g 2ha/l 1 \ 

Vi "3-282r/ 


(U) 


where d is the density of the liquid and b the radius of curvature at the 
top of the drop. For mercury drops of suitable size, h is very large 

and — may be neglected, equation (14) simplifying to 


h^dg 


2 1 + 


2h \ 


3-282r/ 


(15) 


A few data obtained, unless otherwise stated, in the presence of vapour 
of the liquid only, are given in the table on p. 263. It will be noted 
that, for a iion-mctallic substance, water has a high surface tension. 
Reference is made to this again later (p. 269). Molten metals usually 
have very high surface tensions also. 

Effect of Temperature.—Rise of temperature invariably reduces 
the surface tension of a pure liquid, provided, of course, no abrupt 
chemical or physical change takes place, until at the critical tempera¬ 
ture the tension becomes negligibly small, but does not vanish 
altogether. 

The general equation connecting the two phenomena may be 
written as 

oTf =c7o(l-a<+j8i2) .... (16) 

where a and j8 are constants, and otq is the tension at 0® C. Usually j8 
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Surface Tension. 


Siib.sfcanf‘('. 

Tomp., 

”0. 

Surface 

Tension, 

dynes/cm. 

Change in 
Surface Tension 
per degree C. 
-do/dT. 

Water ..... 

20 

72-90 

0-15 

Methyl alcohol (in air) 

20 

22-01 

0-09 

Ethyl alcohol .... 

20 

22-05 

009 

CJlyccrol (in air) 

18 

03-4 

0-07 

Acet ic^ acid .... 

20 

27-8 

0-10 

('arbon tetrachloride . 

20 

26-95 

0-12 

Chloroform .... 

20 

27-14 

0-14 

Carbon disulphide 

19-4 

32-33 

0-15 

Benzene ..... 

20 

29-02 

0-13 

Toluene ..... 

20 

28-58 

0-11 

Mercury {in vacuo) 

15 

515 

0-23 

Lead (molten, in COg) 

335 

473 

• • 


is very small, so that over a small range of temperature we may write 

or,-cro(l -a<) .... (IT) 

that is, the surface tension is a linear runetiou of the temperature. 
This applies to tem[)eratures at least 40° C. below the critical temperature. 

If, now, we plot the surface tension (ordinate) against the tem¬ 
perature (abs(‘issa), as shown in fig. 119, and extrapolate to zero 



tension, the line eut.s the abscissa a few degrees, 8, below the critical 
temperature. For many substances the numerical \'alue of 8 is 
approximately 0. 

It is clear that the surface tension at any temperature, say is 
proportional to or, generally 

=&(<«-«-S) 


where 8 is a constant. 


(18) 
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Application of the theorem of Le Chatelier (p. 23) tells us that if 
we stretch a liquid film adiabatically its temperature will fall, because 
its total surface energy is increased and the film offers a greater resist¬ 
ance to further extension. If the film is stretched isothermally, as is 
usually the case, heat flows in to maintain a constant temperature. 
In other words, the total increase in the surface energy is the sum of 
two items, namely the work done against the surface tension and the 
amount of heat absorbed isothermally during the extension. 

Denoting the total surface energy by and the variation of surface 

tension with temperature by Kelvin’s c(piation connecting the sur¬ 
face tension and the total surface energy at any temj3(‘raturc t may 
be written as 

a=JK + /^^ .... (19) 

Since, as already shown, the relation between a and t is linear over 
considerable ranges of temperature, it follows that ^ is constant and 
negative. 

Numerous attempts have been made to find a formula of wider appli¬ 
cability than equation (17). Sugden (1924) found that, for many non- 
assoeiated liquids, the following relationship holds with great accuracy; 

a =)/(l-0)1-20 .... (20) 

where 0 is the reduced temperature and y a constant, proportional to 
r,i/op^2/3. 

Calculation of the Critical Temperature. —Using’ equation (18) 
it should be possible to calculate, by extrapolation, the critical tem¬ 
perature of a liquid when its surface tension at not fewer than two 
different temperatures is knowm, the correction S, which is approxi¬ 
mately 6, being applied. The following critical temperatures have 
been calculated in this manner: 


Critical Temperatures as Calculated from Surface 
Tension Measurements. 

(Ramsay and Shields, 1893.) 


Substance. 

Calculated 

Critical 

Temperature, 

"C. 

Observed 

Critical 

Temperature, 

Carbon disulphide 

280 

273 

Carbon tetrachloride . 

282 

283 

Methyl formate 

214 

214 

Ethyl acetate .... 

250-5 

251 

Benzene ..... 

288 

288-5 

Chlorobenzene .... 

360 

360 

Aniline ..... 

405 

425 
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In some cases the calculated data are extraordinarily close to those 
observed experimentally; in most other cases they are somewhat lower. 
The calculated data are based on the original surface tension measure¬ 
ments made by Ramsay and Shields. These, as wv have seen, are 
slightly too high, but the ])rinciplc is the same. 

The Theory of Laplace (1806).—This is based on the hypothesis 
that any two molecules in a pure liquid attract one another very 
strongly wlu ri the distance between them is small. If, however, the 
distance is increased })eyond what is termed the range of molecular 
attraction, which is of the order of 5/x/x, the forces between the two 
molecules rapidly diminish. This n\ay i)e illustrated by Iwinging two 
plane and highly ])olishe(l surfaces of glass together ; they are then 
very diilicult to sc^paratc ; but if the glass surfaces arc not perfectly 
clean and plane, tli(?y do not adhere, as the molecules do not approach 
sulheiently close. ]SV)w, as we have mentioned already (p. ‘252), in 
the mass of a litpiid the molecules arc attracted on all sides by other 
molecules, so that the individual effects neutralise each other, or 
“ cancel out,” to use a mathematical exj)rcssion. At the surface, 
however, the molecules are drawn inwards and experience no com¬ 
pensating pull outwards. Hence liquids, like gases (p. 03), possess 
intrinsic pressure and offer resistance to enlargement of volume 
(see p. 101). This intrinsic pressure in the ease of gases enters into 
Hirn’s equation (j). 03) as and into van der Waals’ equation (p. 63) 
as Assuming these equations apply to liquids, it is easy to calculate 

the value of P,. For water this is approximately 11,000 atmospheres. 

We have already seen (p. 81) tliat the latent heat of A aporisation, 
I, of a liquid is made uf) of two items, namely, the heat required to 
separate the molecules, and that reejuired to overcome the pressure 
of the atmosphere, So that 

or 

li-l-h 

~ 498 gramme-ealories per gramme in the case of water 
=^498 X 4*18 X 10’ dynes/em.‘^ 

™21,000 atm. (approx.). 

Laplaee assumed that half the work of removing a molecule of a 
liquid is done when the molecule is brought to the surface. Thus, in 



Fia. 120. 


fig. 120 AB represents the surface of the liquid, whilst the circles 
represent the spheres of molecular attraction of the enclosed molecules. 
Molecule 1 is free to move in any direction. Molecule 2 is drawn into 
the liquid with a resultant force represented by the segment CD. Mole¬ 
cule 3 is drawn inwards with a maximum force represented by the 
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hemisphere EF. As the molecule rises still further the force of attrac¬ 
tion falls off, until in the position assumed by molecule 4 it is ne^?ligiblc 
and the molecule is free to esca})e. The work required to lift molecule 3 
to the position o('(*u])ied by molecule 4 is thus, according to Laplace, 
one-half of or 10,5()() atm. in the ease of water. This value agrees 
very satisfactorily with that calculated from Hirn's c(piation and from 
van der Waals’ equation. 

Surface Tension and Compressibility. —The force required to 
diminish the volume of a given mass of liquid by a given small amount 
is the same as that required to increase it by the same amount. We 
should therefore expect to find a general nlationship between the com¬ 
pressibility jS (p. 163) and the surface tcnsioTi, since the greater tlic 
surface tension the less the compressibility will be, as the li(piid offers 
a proportionately greater resistance to change in volume. A few data 
are given in the following table: 


Substance. 

■ 

a at 20° C. 

fi X 10* per 
mogabar. 

Gp X 10*. 

Water ..... 

72*9 

4-59 

335 

Glycerol .... 

650 

2-48 

161 

Acetic acid .... 

27-8 

4-02 

112 

Mercury .... 

515 

0-388 

200 

Carbon disulphide . 

32 33 

8-59 

278 

Carbon tetrachloride 

26-95 

8-96 

242 

Chloroform .... 

27-14 

9-3 

252 

Benzene..... 

29-02 

9-08 ” 

1 264 

Toluene ..... 

28-58 

7-8 

223 


It will be observed that, in general, high surface tension accomj)anies 
low compressibility. But the product aj8 is not constant, although, if 
we except liquids such as water, glycerol and acetic 
acid, which are known to be associated, there is a 
slight improvement in that direction. 

Surface Tension and Vapour Pressure. —The 
vapour jiressure in equilibrium with a curved liquid 
surface is different from that over a plane surface of 
the same liquid. We can find the connection between 
the difference in vapoiir pressure and the radius of 
curvature as follows: Consider a capillary tube AB, 
of radius r, sus})ended vertically with its lower end 
dipping into a liquid and contained in an evacuated 
vessel (fig. 121). The vapour pressure of the liquid 
at the general level or plane surface B is p; let that 
at the level of the meniscus A at a height h cm, be p\ 
Assuming the curved surface inside the capillary 
tube to be hemisphericaj, the pressure just above the 
curved surface is greater than that just below it by 
the amount 2<T/r, for, as we have already seen 
(p. 261), this is the difference in pressure between a spherical air bubble 
and the surrounding liquid. Hence the pressure just below the 


B 




m-ip' 

h 

kB^. 


Via. 121. 
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meniscus at A is p' -2cr/r, The pressure at C is thus the pressure due 
to column h of liquid -fthc pressure below the meniscus 

= 2ajr 

where d is th(i density of the liquid. Hut tin; pressure at C is also equal 
to that at 13, namely p. We may therefore write 


or 


p = hdg 4- 2^' ~ 


p “ p' hdg - 2ajr . . . . (21) 


Now the difference ])etvveen the ])ressiires at A and 13 is due to the 
eoliimn, //, of vapour, of (l(4isity d', so that 


p-p'=hd’g 

Combining these two equations, we have 


( 22 ) 


‘ialr=hg(d-d') 
1 

^hgd'. 


d' 


-ip-p') 


d-d' 

d' 


or 


, 2a d’ 


(23) 


This cq\iation is only approximately true. More rigid mathematical 
analysis gives 

RT\og,pip'J^^ .... (24) 

Supersaturated Vapour.—Both equations (23) and (24) show 
(!learly that by reducing r the differeuee between j) and 2^' increases. 
These equations will still hold for small drops, but the radius, r, will 
then be of opposite sign and p\ the vapour pressure at the curved 
surface, will now^ be greater than p. If the radius of a spherical drop 
of water at 0° C. is 1 tlic equilibrium vapour pressure of the curved 
surface is more than twice as great as that at the j)lane surface. This 
explains the ease with wiiieh a supersaturated vapour can be obtained 
in the absence of the liquid phase. On cooling a vapour saturated at 
a particular temperatiirc to a low^er temperature in the entire absence 
of dust particles or other bodies that can serve as condensation nuclei, 
there is little tendency at first for drops to form, as these w'ould be 
small and, if momentarily produced, would tend to evaporate owing 
to their high vapour pressure. It is possible to cool air, free from dust, 
to such an extent that the w^ater vapour present is no less than eight 
times that required to saturate it at the low^er temperature, without 
any fog formation. 

If a saturated vapour contains drops of different size, the smaller 
ones will evaporate and the larger ones will grow. 

Liquids that do not wet Capillary Tubes.—It has hitherto been 
assumed that the liquids considered wet the capillary tube and thus 
stand at a higher level within than without. Such is not always the 
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case. Mercury, for example, does not wet glass, and its meniscus in a 
capillary tube is reversed, the surface of the mercury being convex 
instead of concave and standing at a lower level in the capillary than 
without. The foregoing ccpiations ((23) and (24)) still apply, the 
radius being regarded as negativ^e. 

Surface Tension of Solids. —There is no reason to suppose that 
surface tension abruptly ceases when a liquid solidifies. Certainly an 
abrupt change appears to take place, but all available evidence points 
to the view that solids possess relatively high surface energies, the 
values of which admit of calculation with the aid of a modified form 
of equat ion (23). 

It is well known that large crystals in a saturated solution tend to 
grow, so to speak, at the expense of the small ones, just as large drops 
of liquid grow at the ex})ense of smaller ones, for small crystals, as we 
shall see later (p. 370), have a greater solubility or solution pressure 
than larger ones. In solution we have to deal, not with gaseous 
pressure, but with osmotic pressure. If, therefore, wc write rr for the 
osmotic pressure of a saturated solution in equilibrium with a solid 
substance of large area, and tt' for the pressure when in equilibrium with 
a crystal of radius r, d being the density of the solid, equation (24) 
becomes 




(25) 


Since the osmotic pressures are proportional to the numbers of dissolved 
moleeides per unit volume, that is, to the solubilities, S and S\ of the 
large and small crystals respectively, it follows that 


A’TIog, 


S' 

S 


rd 


(26) 


This is a particularly useful equation, as it gives us a method of calcu¬ 
lating the surface tension of a soluble solid. 

Using the data given on p. 370 for the solubilities of different¬ 
sized particles of barium and calcium sulphates, their surface tensions 
work out at 4000 and 1100 dynes per cm. respectively. 

Surface Tension of Gases.— Although at the critical point the 
surface tension of a liquid becomes very small, it does not altogether 
vanish. Vapours and gases have surface energies also. This is 
recognised in van der Waals’ equation by the term aj A practical 
illustration is afforded by smoke rings, which may be formed in a 
variety of ways. 

Surface Tension and Molecular Weight. —In the ordinary gas 
equation the product P V may be termed the volume energy of the 
gas. An analogous equation to the gas equation can be written in 
which the volume energy is replaced by surface energy. This was 
first pointed out by the Hungarian physicist Eotvos in 1886, and 
confirmed experimentally by Ramsay and Shields in 1898. 

If M is the molecular weight of a liquid of specific volume d, then 
Mv is proportional to the volume of its molecule, (MvY^^ to its linear 
molecular dimension, and {Mv)^‘^ to its molecular surface area. Its 
molecular surface energy is thus proportional to 

We have already seen (p. 263) that the prolongation of the linear 
a/t relationship to the critical point, cuts the abscissa 8® below the 



SURFACE TENSION AND THE PARACHOR. 


269 


observed critical temperature. We will therefore measure the tem¬ 
perature, T, downwards from and subtract 8. As a falls with rise 
of temperature, it will clearly rise as the value of r increases, and by 
ccpiating 

~k(T - 8) .... (27) 

we arrive at an equation analogous to the gas cejuation. 

Ill order to eliminate 8 and arrive at the x^aluc for the constant 
measurements are made of the specific volume anti surface tension at 
two different temperatures. Denoting simultaneous values b}’^ the same 
suffix, the equations 


lead to the following (‘(juatiou for k : 

Tj -Tj 


(28) 


Now it is found that if k be determined from this equation, using 
for A/ the molecular weiglit of the substan(‘e in the gaseous state, the 
value is 2*12 (using e.g.s. units) for quite a number of substances. It 
is therefore (‘oneludcd that these substances und(‘rgo no change in 
molecular weight on their jiassage from the gaseous to tlie liquid state. 
Among such normal liquids are benzene, chlorobenzene and ether. 
When, therefore, it is observed that the value of k for a liquid is less 
than 2’12, it is concluded that association takes plac*e when the vapour 
condenses to liquid (since to obtain the normal value of k a greater 
value for A/ is necessary than the one that has been assumed). From 
the observed value of k for any particular substance, it is thus possible 
to derive an approximate measure of the degree of association. 
Thus, if association has taken place, k is less than 2-12, simply because 
the mass of the molecule is not truly represented by A/, but by xM, 
where a; is greater than unity and represents the degree of association. 
Hence, by substituting xM for A/, equation (27) becomes 

(7(irA/i;)2/3=2a2(T-8) 

whence 

.... (») 

approximately. 

The values obtained for x in the case of water at temperatures 
ranging from 0° to 100® U. as given by Ramsay and Shields are detailed 
in the table below. 


Degree of Association of Water. 


Temperature, ®C. 

0 

20 

40 

60 

80 

100 

X (Ramsay and Shields) . 

3-81 

3 55 

3 IS 

800 

2-8;3 

2*66 

ii?! (I)utoit and Mojoiu) 

2 52 

2-41 

2-30 

2*18 

2 07 

1*96 


In the following table are given data indicating the extent to which 
a few typical substances are believed, from surface tension measure¬ 
ments, to be associated in the liquid state. 
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Substance. 

Temperature 

Interval, 

Degree of 
Association. 

Methyl alcohol 

16 to 78 

3-43 to 3-24 

Ethyl alcohol 

16 to 78 

2-74 to 2-43 

Acetic acid .... 

16 to 132 

3-62 to 2-77 

Acetone .... 

17 to 78 

1-26 

Formamide .... 

20 to 75 

618 to 3-34 

Acetamide .... 

85 to 120 

2*47 to 211 

Phenol ..... 

46 to 184 

1-42 to 118 

Benzamidc .... 

130 to 170 

2-70 to 1-81 

Phosphorus .... 

78 to 132 

3-76 

Sulphur .... 

115 to 160 

600 

Nitrogen dioxide 

2 to 20 

2 02 

Sodium nitrate 

300 to 400 

10-68 

Potassium nitrate . 

341 to 407 

8-73 

Silver chloride 

446 to 580 

3-29 

Lead chloride 

480 to 600 

3-60 


Several cogent criticisms have been urged against the foregoing 
method of measuring the degree of association of a liquid. These may 
be summarised as follows : 

(i) The equation itself (28) is only an approximation. 

(ii) The value 2-12 ascribed to k was originally believed to be 

fairly universal, but it has since been sho^vn that many 
substances believed to be non-assoeiated yield much higher 
values for k. Thus, whilst k may be constant for one type 
of substance, different types of substances may yield different 
values for k. For example : 


Substance. 

Temperature, ®C. 

h. 

Amyl stearate 
Benzylamine 

Tristearin . 

55 to 150 

20 to 75 

58 to 135 

3-34 to 3-33 
2-08 to 2-23 

6-21 to 5-35 


(iii) Attention has been very usefully directed by Dutoit and 
Mojoiu to the fact that molecular weights, as determined by 
surface tension phenomena, are most probably, in the case of 
associated liquids, only the particular molecular weights of 
the surface layers of the liquids. If the liquid is not 
associated, there will, of course, be no difference between the 
bulk and the surface, and the molecular weights calculated 
from the foregoing formulae may be expected to be correct. 
But where association takes place, it is highly improbable 
that the surface layers will possess the same state of aggrega¬ 
tion as the interior. The probability is that the association 
will be accentuated in the surface, so that the calculated 
molecular weights will be too high. 
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The only conclusion that can safely be drawn from the foregoing 
data for water is that water at all temperatures between 0° and 100° C. 
manifests an appreciable degree of association. 

Equation of Dutoit and Mojoiu. —Another method of calculating 
the molecular complexity from the surface tension is that given by 
Dutoit and Mojoiu (1909), who employ the empirical formula 

M =:0*6T(4-8 - log 

where is tlie specific cohesion, defined by 

„ 2<7/d, 

where d is the density of the licjuid and p the vapour pressure, which, 
howev^er, must not exceed 2 atmospheres. This latter restriction 
places an upper limit upon the tem]>crature and prevents the formula 
from being used to determine the molecular aggregation of water at 
the critical point. The degrees of association, as calculated by this 
formula at various temperatures, are given in the table on p. 269. They 
are appreciably lowca* than those cahadated by Ilarnsay and Shields. 

Walden’s Equations. -Several interesting relationships between 
the specific cohesion, as defined above, and certain other physical 
constants of liquids have been noted by Walden (1909). A few of 
these may be mentioned. 

1. The latent heat of evaporation, /, of a liquid is })roportional to 
its specilic (!ohcsion, as measured at the boiling point, provided no 
association occurs. That is 

Ija^—cioustiiut ^17^9 (moan vrIuc) . . (30) 

Dutoit and Mojoiu also came independently to the same conclusion. 

A few illustrations arc as follows : 


Non-associated Substances. 

JIaK 

Substances Suspected of 
Association. 

//a®. 

Stannic chloride 

17-35 

IVater 

44-1 

Silicon tetrachloride . 

17-03 

Methyl alcohol . 

51-3 

Methyl iodide . 

18 13 

Ethyl alcohol 

45 3 

Ethyl iodide 

17-90 

Acetone . 

24-2 

Carbon disulphide 

17-89 

Phenol 

27-5 


For associated substances the ratio Ija^ greatly exceeds the normal 
value, and is thus an excellent qualitative test of association. 

We have already seen that, by Trouton’s Rule (p. 88) 


-^=21 (approx.). 


By substituting in this equation the value 


the expression becomes 


l = 17-9a® 


iirr 

“-s~ 

a® 


M 


(81) 
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from which the molecular weight of the liquid can be calculated. Ma* 
is termed the molecular cohesion. 

2 . Substances at their boiling points are at a})proximate^ly com¬ 
parable temperatures, for, very roughly, the boiling point temperature 
is two-thirds of the critical value, both measured on the absolute scale. 
If the melting points of substances could similarly be regarded as 

/ \ll 

comparable temperatures, then the expressions “ and 7 .-- would also 

(t -I m 

be constant at the melting point. Therefore, in turn, the ex})rcssion 


M 


eonstaiit x 1%^ 

'' 


(82) 


would be applicable at the melting point. Walden tested this ex¬ 
pression for measurements made at the melting point and found, for a 
large number of non-associated li(juids, that e(iuation (32) docs hold, 
and that the constant is equal to 8-65. Hence the molecular weight 
of a liquid at its freezing })oint is ol)lainal)le from the equation 


M 




( 33 ) 


The results all indicate that fused salts have very complex molecules, 
the degree of complexity of sodium chloride being 10 , sodium bromide 8 , 
sodium iodide 6 * 2 . In all the cases iincstigated the chloride is most 
and the iodide least associated. 

8 . A third relationshif), namely 

P,=7r>-3a, . . . . (34) 

where is the intrinsic pressure and the surface tension at the 
boiling point is very interesting, but of little practical \ aliie owing to tlie 
difficulty of determining the intrinsic pressure. 

Presence of Foreign Substances.—lii the preceding sections on 
surface tension w^e have been dealing with pure liquids in the presence 



Fio. 122.—Surface Tension of Mercury (Cook, 1929). 


of their own vapour only. We must now inquire into the effects 
produced on the introduction of a second substance into the system. 
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Let us first consider the case of mercury. According to the latest 
measurements in vacuo its surface tension is 515 dynes per cm. at 
15® C. (p. 268). If small quantities of a gas are introduced, the 
surface tension rapidly falls to an asymptotic value (fig. 122), reaching 
about 460 dynes per cm. in hydrogen and 360 dynes per cm. in oxygen 
after an hour’s exposure at atmospheric pressure (Cook, 1929). The 
effect is, no doubt, due to adsorption (Chap. XXI) of the gases on the 
surface of the mercury. 

With many liquids the presence of air has an almost or entirely 
inappreciable effect on the surface tension. Thus : 



‘^2'r C. 

(air). 

^2')“ C. 

(own vapour). 

Phosphoryl chloride 

32 2 

82-2 

Carbon tetrachloride . 

26-77 

26-95 

Chloroform 

27-14 

27-21 

('arbon disulphide 

i 82-88 

82 88 

Rcn/enc .... 

28-88 

[ 29-02 

Water .... 

72-75 

1 72-90 

Acetic acid 

27-68 

1 27-8 


The surface tension of liquids is often greatly affected by the 
presence of dissolved substances. Thus, small quantities of water 
raise the surface tension of ethyl alcohol, and the values for cf usually 
quoted for this substance are high for this reason (Mills and Robinson, 
1927). 

The effect of dissolved salts is generally to raise the surface tension 
of pure water. This effect may be expressed mathematically (Dorsey, 
1897) by the equation 

+ .... (85) 


where or,j is the surface tension of the solution containing n gramme- 
equivalents of dissolved salt ])er litre, cr is the surface tension of pure 
water at the same temperature, and A is a constant for each salt. The 
following values of A are illustrative : 


A. 

NaCl . . .1-53 

KCl . . .1-71 


A, 

^(NajsCOg) . . 2-00 

i(ZnS 04 ) . . 1-S6 


On the other hand organic substances frequently reduce the surface 
tension of water. If C is the molar concentration of the solute, the 
ratio dcrIdC is fairly (*onstant for dilute solutions. For solutions 
generally, Szyszkowski’s empirical formula (1908) 

connecting surface tension and concentration is fairly satisfactory. 
oi and cr, are the surface tensions of the pure solvent and solution 
respectively ; & is a constant for each specific Solute, its value varying 
slightly with different solutes ; c is also a constant for each solute, but 
VOL. I. 
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differs greatly with different solutes, and its reciprocal, 1/c, is termed 
the specific capillary activity of the'solute. The molar capillary 
activity of a solute is defined on p. 278. 


Tjie Pakachor. 


In an earlier chapter (p. 161) mention was made of Macleod’s 
equation (1923) : 


(T-A-(2)~d)* .... (36) 


= /i-D4.(37) 


where d is small. For non-assoeiated bodies k is a constant, independent 
of the temperature. 

If M is the molecular weight of the liquid, equation (37) may be 
written 


or 


Mg} 

D 


-Wxl/. 


The expression ^-jj- is of special interest because it is the product of 

the molecular volume and the fourth root of the surface tension. If, 
therefore, two liquids arc examined at such temperatures that their 
surface tensions are ecjual, the values of the foregoing ex]>ression will 

be proportional to their molecular volumes. The expression —j-~ has 

therefore been christened the parachor (Greek parOy alongside of; 
khora, space) and is denoted by [P\ (Sugden, 1924). In comparing 
the molecular volumes of substaiiccs at their boiling j)oints in accordance 
with Kopp’s Law (]>, 159) many irrc'gidarities were observed. This 
was due in part to tlie fact that the molecular volumes were compared 
at the boiling points of the lic^uids under atmospheric })ressure. This 
was a convenient but somewhat arbitrary temperature to choose, for 
the Guldbcrg-Guye Rule (p. 105) is not universal and the boiling points 
of substances are not exactly corresponding temj)eratures. The mole¬ 
cular volumes were not, therefore, compared under strictly comparable 
conditions. 

We have already seen that a close connection exists between surface 
tension and intrinsic pressure ; by comparing molecular volumes at 
constant surface tension, an attempt is made to level u]) the effects 
due to intrinsic pressure and thus to compare molecular volumes under 
conditions of greater uniformity. This rcctcives support from the fact 
that the ratio of the parachor to the critical volume for different sub¬ 
stances shows great constancy (see following table). The mean of a 
considerable number of values for the ratio [PJ/Fc 6*77. 

The Parachor an Additive Property. —The parachor of,a given 
molecule is the sum of its atomic and structural paracdiors, and thus 
admits of calculation. The atomic parachors of hydrogen and carbon 
are of fundamental importance in organic chemistry and have been 
deduced from the molecular parachors of series of hydrocarbons and 
other homologous series as determined experimentally. The procedure 
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Substance. 

I’arachor 

[PJ. 

Critical 
Volume, Vc 
(c.c. per gramme- 
molecule). 

in/Vc. 

Carbon tetrachloride . 

219-9 

270 

0-80 

Benzene .... 

200-3 

250 

0-81 

Chlorobenzene . 

244-5 

308 

0-79 

MctJiyl acetate . 

177-0 

228 

0-78 

Ethyl acetate 

217-1 

280 

0-70 

Propyl acetate . 

250-1 

345 

0-74 


is as follows : Subtraction of the ])arachors of two successiv^c members 
in a homolo^^ous series gives the parachor for the methylene group, CHg, 
the mean value for which is found to be 39. The atomic parachors of 
hydrogen and carbon arc then calculated by combining the mean 
difference for CHo with the data for the saturated hvdroearbons. 
Thus : 

Observed molecular parachor of . . 424-2 

Mean value for 10 Cllg-groups .... 300-0 

Molecular parachor for II 2 . . . . 34-2 

This value for hydrogen agrees very satisfactorily with that observed 
for lic|uid hydrogen, namely 35-1, when one remembers the great 
didiculty of working with a liquid at such low temperatures. Sub¬ 
traction of the value for molecular hydrogen from that of the methylene 
group gives the atomic parachor of carbon, namely 39-0 - 34-2 or 4-8. 

In a similar manner the parachors of other atoms, and the para¬ 
chors corresponding to structural and valeiu*y arrangements, admit of 
deduction. In the following table are given the values for various 
parachors as published by Sugden : 


Atomic and Structural Parachors. 


n 


17-1 

Single bond . 

0-0 

c 


4-8 

Double bonds : 


Si 


12-0 

Non-polar . 

23-2 

N 


12-5 

Semipolar . 

- 1-0 

P 


37-7 

Triple bond . 

40-0 

0 


20-0 

3-Membercd ring . 

17-0 

s 


48-2 

4- 

^ ?» ?? • 

11-0 

F 


25-0 

»> 

8-5 

Cl 


. 54-3 

6- „ . 

6-1 

Br . 


08-0 



I 


91-0 




The significance of the difference between the different types of valency 
termed electronic, non-polar and semipolar, is discussed in a later 
chapter (see Vol. II). For present purposes it suffices to state that 
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the increment for the non-polar double bond, namely 23‘2, applies to 
the following groups ; 

C=-C, C-0, C-S, N-0. 

Esters arc found to give a slightly low value for the combined 
parachors of their two oxygen atoms, namely 60*0, whereas we should 
expect 20 x2+23*2 or 63*2. This suggests some interaction between 
the two atoms, and there is other evidence supporting this idea. Ethers 
and ketones behave in accordance with the foregoing tablQ. 

By way of illustration let us consider benzene, assuming 

Kekule’s formula, which contains 3 double bonds : 


Parachors of 6 C 

, 

28*8 

„ 6 H 


. 102*6 

,, ,, 3 double bonds 

, , 

69*6 

„ „ 6 -membered ring 

• 

6*1 


Total 

. 207*1 


The observed value w'as 2()(>*2, which may be regarded as very good 
agreement, and as supporting Kekule’s formula. 

Parachors of Isomerides. —Sin(‘e the parachor is additive, it 
cannot distinguish between isomerides which differ merely by the 
position of a group or valency bond. Thus, for example, the three 
xylenes yield the same value for the parachor. Thus : 



CH, 

CH 3 



A 

II 


\J 

li CH 

ortho-Xylem 

weto-Xylone 

Obs. [/’] =283*3. 

Obs. [P] = 283* 


CHj 

A 

V 

CH, 

;)ara-Xylene 
Obs. [Pj=:283*8. 


When, however, unsaturated isomerides differ in structure, as when a 
double bond is replaced by a ring, or wdicn the size: of a ring is varied, 
the change is evidcn(‘ed by a different value for the parachor. For 
example, paraldehyde, formed by the condensation of three molecules 
of acetaldehyde, of parachor 121*2, has a parachor of 298*7, which is 
appreciably less than 3x121*2 or 363*6. It is presumed, therefore, 
that paraldehyde has the following cyclic formula : 


O 


CII3.CH HC.CII3 


o o 


for which the calculated value of the parachor is 300*1. 

Another interesting example is afforded by p-benzo-quinone, most 
of the reactions of which appear to agree most satisfactorily with 
formula I: 
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O 

II 

c c-o 


/ \ 

/ \ 

CH CH 

CH CH 

II II 

n. 1 11 

CH CH 

CH CH 

\ / 

\ / 

C 

C - 0 


II 

o 


Calc. [P] = 23G1. Calc. [P] = 219 0. 

But the second formula agrees also with certain ehcmieal reactions (Graebe, 
1868), with the absorption spectrum (Hartley and Leonard, 1909), and 
with the heat of combustion (Binder, 1921). The observed value for the 
parachor is 236-8, which strongly supports formula 1 (Sugden, 1927). 

Succmyl chloride is usually given the unsymmetrieal formula I, as 
this explains its reduction with hydrogen to y-butyrolaetonc. Thus : 


C'H,.CC1^ 

CH, . CH, 

\ 

\ 

0 

-0 

/ 

reduction ^ 

CH 2 .CO 

CH 2 —CD 

♦Succiiiyl chloride. 

y-Butyrolactone. 

Calc. [PJ =267-9. 



The formation of sueeinyl chloride by the action of phosphorus pcnta- 
chloride on succinic acid, however, might equally well result in a 
symmetrical molecule, thus : 

CII2.COOII CTI2.COCI 

1 -. I II. 

CIIj.COOH CH2.COCI 

Succinic acid. Succiiiyl chloride. 

Calc. [PJ = 282-6. 

Determination of the molecxilar volume suggested that the ordinary 
substance w^as an equilibrium mixture of I and II. The observed value 
for the parachor is 282-6 (Sugden, 1927). It appears, therefore, that 
the liquid has the symmetrical structure and cannot contain any 
appreciable amount of the unsymmetrieal form. 

As a final example phthalyl chloride may be chosen. Two forms are 
known, melting at 15° and 88-5° C., the latter form being the less stable. 
But which is which ? Determination of the parachors of both forms 
(Sugden, 1927) indicates that the stable form is symmetrical, thus : 



CCl, 

/COCl 

/ \ 

C.h/ 

C,H. 0 

\coci 

\ / 


CO 

Stable phthalyl chloride. 

Unstable phthalyl chloride. 

M.pt. 16" C. 

M.pt. 88-5" C. 

Calc. [P]=377-5. 

Calo. [P] =362-8. 

Obs. [P]=373-9. 

Obs. [Pj=367-8. 
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The application of the paraehor to valency problems is dealt with 
later (sec \'ol. II). 

Molar Capillary Activity, A.—This is a term due to Mills and 
Robinson (1931), and by it is understood the dejn-ession of the surface 
tension of a solvent by the dissolution of a solute at a eoneentration 
of one grainme-inoleeule per 1000 grammes of soh ent. This value is 
usually obtained by extrapolation. For aqueous solutions of a con¬ 
siderable number of organic substances, including acids, alcohols, esters, 
ketones and amines, it is found that 

A=AiPJS 

[PJ being the paraehor of the solute and A* a con.stant, apin’oximately 
7*9x10 From this it appears that A is a function directly con¬ 
nected with constitution. 



CHAPTER XV. 


OPTICAL PROPERTIES. 

The Spectuum. 

Historical.—The beautiful play of eolours shown by various gem stones 
such as the diamond and opal must have attraeted the attention of 
man at a very early date, but the systeinatie study of the eomposition 
of ordinary daylight may be said to date from IGOO, wheji Sir Isaac 
N<‘wton carried out his world-famous experiment of passing a beam 
of sunlight through a wedge-sha})ed piece of glass, termed a prism 
(Cireek prismatos, thing sawn), thereby obtaining a continuous 
spectrum. Tins spectrum was not pure, for the b(‘am of light was 
adnutt(‘d tlirough a circular hole, and the eolours overlapped. When 
Wollaston to 1828), more than a (‘cntury later, repeated the 

ex})eriment, h(i allowed a thin ribbon of light to })ass through the 
])rism, thus reducing the overlapping of the eolours and obtaining a 
fairly pure speedrum. It was then observed that the spectrum was 
not ]:)erfeetly continuous, but was crossed by series of fine dark lines. 
Fraunhofer (1787 to 182G), the famous Munieh optician, examined the 
spectrum through a teleseoj)e and measured the r(*lative positions of 
several hundred of these lines, designating the more })rominent ones, 
beginning at the ivd end of the s])e(!truin, by letters, namely A, B, C’. , . . 
Although Fraunhofer died before the explanation of the oeeurrenee of 
these dark lines in the solar spectrum was known, the lines are known 
as Fraunhofer Lines. 

It was soon observed that incandescent vapours and gases yield 
sjK'ctra consisting of bright lines. Some of these arc simj)le, such as 
those of sodium and thallium vapours. Others are complex, many 
being extremely so ; thus uranium and iron are known to yield some 
5000 linciij each, although a large proportion of these lies in the 
ultra-violet. 

It was at first thought that the dark Fraunhofer lines, or lacunae 
(Latin lacufiy lake), as they are called, in the solar spectrum, were due 
to the lack of those particular colours in the light as it left the sun ; it 
was observed, for example, that one of the dark lines coincided exactly 
with the position of the yellow line given by sodium vapour. Believ¬ 
ing that this indicated the absence of sodium in the sun, P\>ueault, in 
1849, passed sunlight through a flame containing sodium vapour and 
which, therefore, gave the yellow sodium line. He expected in this 
way to reinforce the sunlight and fill up the dark sodium lacuna. To 
his surprise, however, the lacuna was rendered even more intense than 
before. He then passed light that would yield a truly continuous 
spectrum, such as that from an incandescent solid, through the flame, 
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and found the sodium lacuna was developed in it. The conclusion 
was inevitable that the same kind of light evolved by an incandescent 
vapour is also absorbed by that vapour. The dark lines, therefore, are 
not absolutely dark, only relatively so. 

In this way it came to be i-ealised (Kirchhoff, 1859) that the dark 
lines in the solar S 2 )cctrum are not due to the absence of certain elements 
in the sun ; on the contrary, they are generally due to the presence of 
these elements in the va 2 )ours around the sun, the vapours absorbing 
their own characteristic S}:>cctra from the solar light passing through 
them. An exception is afforded by the Fraunhofer lines A and B, 
which are due to absor})tion by the oxygen in the earth’s atnios})herc. 

The dark lines were termed by Kirchhoff tlie reversed spectra 
of the elements eoneerned. They are a S23ecial type of absorption 
spectra, the bright lines constituting what are known as emission 
spectra. 

As a result of extensive researches on the emission specftra of different 
elements, Bunsen and Kirchhoff enunciated the following fundamental 
principles : 

(i) Every element when sulliciently excited in the gaseous state 
yields its own characteristic spectrum ; and, conversely, 

(ii) The presence of the vai)our of an element can be inferred witli 
certainty by S 2 )ectrum analysis when its eharacteristie lines 
are ])resent. 

Indeed tlic spectrum of an element is so definite that in 1900 an 
International C ongress, meeting in Paris, accepted the suggestion of 
de Gramont that no new substance should be recognised as an element 
until its spark spectrum had been measured and found to be different 
from that of cxery other known form of matter. 

Hitlierto we have been discussing the visible spectrum. In 1800 
Herschel discovered the infra-red or heat rays, which are chemically 
inactive. The following year Hitter discovered the ultra-violet rays. 
These are cheinically reactive and are absorbed largely by ordinary 
glass, but to a much less extent by quartz. 

In the succeeding sections, therefore, we have two types of spectra 
to consider, namely, emission S2>ectra and absorption spectra. 

The Nature of Light.—Two important theories as to the nature 
of light have been held from time to time, namely, the emission theory 
and the wave or undulatory theory (lluyghens, 1678). The former 
was adopted by Newton. According to it a luminous body was regarded 
as emitting a continuous stream of innumerable minute light particles 
which travelled in all directions in rectilinear i)aths with the same 
velocity in the same medium. If, by any chance, these light particles 
entered the eye, the sensation of light was produced by their impact 
on the retina. The undulatory theory presui3poses the existence of a 
perfectly elastic, imponderable fluid which possesses inertia and is 
termed the ether of space. It pervades all matter and all space. A 
luminous body is believed to set up disturbances in this fluid, which 
disturbances are periodic both as regards space and time, and are 
termed waves. The waves travel through the ether with an enormous 
velocity, namely 3 x 10^® cm. per second, and when they enter the eye 
they excite the sense of vision. In a similar manner the transmission 
of electricity was believed to take place through the agency of an 



OPTICAL PROPERTIES. 


281 


“ ether.” At this time the sciences of light and electricity were regarded 
as separate and entirely distinct studies. As both light and electricity 
required an “ether” for their propagation, Maxwell (1831 to 1879) 
was led in 1873 to suggest his famous electromagnetic theory, according 
to which only one “ ether ” exists and light is regarded as an electro¬ 
magnetic disturbance of this “ ether.” Light waves consist of a periodic 
alteration in the electrical and magnetic condition of the ether, not move¬ 
ments of particles of “ ether ” after the fashion of sound waves in air. 

General Remarks on Emission Spectra.- As already mentioned, 
every element in the gaseous state, when sufliciently excited, emits 
a characteristic spectrum, which may consist of bands and/or lines. 
Under a low disjjcrsion the “lines” appear narrow com]>arcd with the 
adjacent unillumined spaces ; but under high dispersion these “lines” 
frequently are found to be complex, being resolved into components 
the breadth of which is comparable with the distance between them. 
Thus, for example, the red hydrogen line !!« is a doublet. Other 
lines may have faint narrow lines associated with them. These subsidiary 
lines arc termed satellites. The green line of mercury is a case in point. 
If the degree of dispersion is still further increased, a stage is reached 
at wliieh no further resolution occurs ; the “ lines ” merely broaden 
out. This shows that tliey have a finite width, which is attributable 
to two causes, namely, the Dop[)ler Effect and Collision Effects. If 
the atoms were perfectly still, and inlinitely distant from each other, 
so that collisions were im]K)ssible, we should expect the spectral lines 
to be perfectly sharp and homogeneous. By reducing the pressure we 
can reduce the (‘ollision effect, and the width of the “ lines ” is then 
attributable to the Dop])ler Effect, according to w'hich the spectrum of 
a receding atom would be displaced slightly towards the red end of the 
spectrum and that of an approaching atom displaced towards the blue 
end, exactly as has been observed for the spectral lines of receding 
and approaching stars. If a source of light approaches an observer 
with velocity i;, the change in wavelength, dA, is given by 

dX V 
A u 

where u is the velocity of light, the wavelength being diminished. If 
the source of light recedes, the numerical value of dX is the same, but 
the w^avelength of the light is increased. 

Since in a given mass of gas some atoms will be moving in every 
direction, the components of their velocities w^ill thus have all possible 
values in the line of sight from zero to a maximum approaching or 
receding velocity, and light of every wavelength will be emitted from 
the mass within the range of the extreme disj)lacements, thus producing 
a S23eetral “ line ” of finite width. By measuring the width of these 
“ lines ” it is not diflicult to calculate the rate of movement of the atoms, 
just as the rate of stellar movement has been calculated. liOrd 
Rayleigh found that at 0° C. mercury atoms in mercury vapour moved 
at about 200 metres per second, a value that agrees very closely with 
that calculated w ith the aid of the kinetic theory (p. 50). 

Collisions among the atoms cause vibrations, and as the number of 
collisions increases with the pressure, so will the width of the spectral 
“ lines ” ; under considerable pressure the “ lines ” will broaden into 
bandS) and under high pressures the bands will broaden so much as to 
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unite and yield a continuous spectrum. That such wideninpf is due to 
the pressure and not to the temperature is clear from the following : 
If an electric current is j)assed through rarefied hydrogen, the charac¬ 
teristic line spectrum is obtained. On increasing tlu^ pressure of the 
gas the “ lines ” hroadeai, and ultimately, after a continuous spectrum 
has been obtained, the resistance of the gas becomes so great that 
the electric current cannot ])ass. Ii‘, on the other hand, the ])rcssurc 
of the rarefied hydrogen is continuously reduced, the resistance to the 
passage of electricity falls to a minimum and th(‘n increases again ; the 
spectrum still consists of lines and remains a line spectrum until finally 
the resistance becomes so great that again the current will not pass. 
The resistance of the gas when the (‘urrent just ceases is evidently the 
same in both cases, and in the former case, where a continuous spectrum 
is obtained, the temperature is not as liigli as in the latter case. Ilcncc 
the observed broadening of the lines cannot be attributed to increase 
of temperature ; it is a jiressiirc effect. 

The effect of temperature is important, however. As the temjicra- 
ture of a gas rises, new lines may ajipear, and old ones, observed at 
lower temperatures, may fade away altogether. Lithium, for example, 
in the electric arc yields a blue line not detectable in the Jhmst*n (lame. 
It frequently hapi)ens, also, that with rise of tem])erature existing lines 
become more complex. TJuis the sodium 1) line is found to be double 
at the temperature of the Bunsen flame, but at very high temperatures 
three other pairs of lines appear elsewhere in the spectrum. 

In addition to line spectra, some elements also sliow band or fluted 
spectra. Compounds and elemerdary polyatomic molceuh's yield band 
spectra unless the temperature is suflieiently high to deeom])ose them 
into atoms, when the eharacteristic lines of the elejiicnt^i may af)])ear. 
Thus, in the ordinary flame tests as iised in qualitative analysis, the 
chlorides of the metals are inserted into the Bunsen flame on the end of 
a platinum wire. The chlorides volatilise and dissociate, so that the 
spectra of the metal atoms arc obtained, the chlorine spectrum being 
invisible. The reason that undissociated molecules have spectra of 
their own and do not give the line spectra of their constituent atoms, 
lies in the fact that the outermost electrons of the atoms (see Vol. II), 
wdiich are concerned in the production of atomic spectra, are also con¬ 
cerned in causing chemical combination. They are the so-called 
“valency electrons,” and in the undissociated com])ound they are not 
free to act optically in the same way as in the clement. Inc*andescent 
solids and liquids yield continuous spectra. 

The wav^elength, A, of light varies with the refractive index, /x, of 
the medium through which the light passes. For our standard in 
theoretical work we use the wavelength in a vacuum, since the refractive 
index, /x, of a vacuum is unity. For dry air at N.T.P. /x =^1'()0()3, and 
usually, in practical work, wavelengths are expressed with reference to 
air as unity. The value of A for light waves may be determined by 
interference methods with astonishing accuracy, namely of the order 
of I in 10 millions, an accuracy far transcending that at present attain¬ 
able for the wavelengths of X-rays. 

If u is the velocity of light in centimetres per second, and n the 
frequency of the light, that is the number of waves passing a point 
per second, clearly 

u=wA. 
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But u is known only approximately, whereas, as we have seen, A is 
known with great accuracy. So instead of using n, we frecpicntly find 
it convenient to (‘onsidcr the number of waves of light per centimetre. 
This is termed the wave number, v. Obviously 

1 n 

A u 
or 

n = uv. 

Waves only of a comparatively small range in length are visible to 
the human eye. The vast majority of waves in the ether are invisible 
to us. Heat waves can be dete(‘ted by our sense of touch, but the waves 
of wireless lelegra})liy and X-rays, to mention two of the best known 
of the remaining tyi)es, cannot be detected by us with our unaided senses. 

In the folloAving table are given the wavelength ranges of the more 
important types of waves: 


Typical Wavelength Ranges. 


Wireless teh^graphy 
Infra-red spec;trum 
Visible red sjieetrum . 

Visible violet spectrum 
Ultra-violet rays 

Extreme ultra-violet and soft X-rays 
lUintgen or X-rays 


/ (cm.). 

57 to 5 X 10® 

4 X 10 2 to 7-7 X 10 ® 
7-7 xlO-® 

3-8 X 10 s 

t xlO ® to 1-85 X10-® 
1-85 xl0-®to3 xlO-* 
10-8 to 10- » 


The ordinary range of the visible s})eetrum is roughly from 3-8 x 
to 7*7 xlO ° cm. These wavelengths, however, are usually expressed 
in Angstrom units, each unit corresponding to 10 ® cm., so that the 
above range may be written as 3800 to 7700 A (p. 8). Some people 
can perhaps see over a slightly wider range, whilst others can see only 
over a smaller range. With colour-blind people the range may be 
severely limited and the eyes or brain may exert a rigidly selective 
action, certain colours only being appreciated. 

In the table (p. 284) are given a few tyj)ieal wavelengths, expressed 
in Angstrom units, from the line spectra of well-known elements. 

Excitation of Emission Spectra. —^Thc spectra of elements may 
be excited in many w^ays. A favourite method consists in feeding the 
element or some volatile compound of it into a Bunsen flame. This 
gives the flame spectrum. Passage through an electric arc gives the 
arc spectrum ; the spark spectrum results w ith an electric spark 
discharge; the fluorescent emission spectrum is obtained under 
the action of incident light of suitable frequency. Sparking is very 
violent treatment and the temperature is high, so that the spectrum 
obtained in this w^ay frequently is very different from the arc and 
ordinary flame spectra. Certain lines may appear only in the spark 
spectrum or, if they appear in the flame spectrum, their intensity is 
enhanced in the spark spectrum ; such lines are termed enhanced 
lines (Lockyer). These new lines and enhanced lines constitute the 
spark spectrum. 

A convenient method of obtaining the spectrum of a gas consists 
in introducing the gas into a Plucker tube, that is, a vacuum tube 
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consisting of two bulbs fitted with electrodes and joined by a capillary 
tube. The pressure of the gas is reduced to 2-3 mm. and the electrodes 
are connected to the terminals of an induction coil. As the discharge 
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passes, the capillary portion becomes intensely luminous. If this is 
placed in front of the slit of a spectroscope, the spectrum is easily seen. 
Photographs of the spectra of the inert gases obtained in this way are 
shown in Plate I. 

Phosphorescent spectra of the rare earths are excited by bombard¬ 
ment with cathode rays (p. 289). 

Series Spectra. —The spectral lines of many elements have been 
resolved into series connected by comparatively simple numerical 
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relationships. In 1885 Balmer made the remarkable observation that 
the wave numbers of the successive lines in the ordinary hydrogen 
spectrum, beginning at the red end, could be represented with great 
accuracy by an equation of the type 



where n is given the value of successive integers beginning with 3 for 
the line known as 11«. For II^ n is given the value 4 ; for Wy n is 5 ; and 
so on. The constant, now known as Rydberg’s constant, has in the 
case of hydrogen the numerical value of 109G77-7, and is denoted by 
The remarkable accuracy of Balmer’s formula is clearly shown in 
the following table, in which are compared the calculated and observed 
values for the wave numbers of the first four lines of the hydrogen 
spectrum. In calculating these data an earlier value of R, namely 
109678-8, was used : 



H„. 

H,.- 

H,. 


Obscrv(‘d 

1.6233 22 

20504-79 

23032-51. 

24373-00 

Calculated . 

15233-17 

1 

20504-77 

23()32-5t 

24373-00 


As n increases, the values for v gradually ap])roaeh each other, and at 
the violet end of the spectrum the lines become (*rowdcd together, 
continuously decrease in intensity and become increasingly dillicult to 
resolve. More than 30 hydrogen liitcs arc known, however. The limit¬ 
ing wave number is obtained by putting n = oo, when 



R 

4 

= 27419-70. 


Balmcr’s formula was derived einjnrically, but it is now possible, by 
making certain assumptions as to the structure of the atom, to derive 
this formula from theoretical considerations. In a later chapter (see 
Vol. II) this as})cct of the subject is considered. 

It was soon found that Balmcr’s formida is a special case of a more 
general formula, namely 



This is termed the Balmer -Ritz formula. Putting = 1, wc obtain 
the wave numbers of lines in the ultraviolet region. Thus 



These lines constitute the Lyman Series (1914), 

When Ui =2, the lines lie in the visible region and form the Balmer 
Series. 
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When ^ respectively, the lines lie in the infra-red range 

and constitute the Paschen (1908) and Brackett (1922) Series. Of 
the last-named series, two hydrogen lines only arc known, of wave¬ 
lengths 40,500 and 26,300 A respectively. 

Other elements yield spectra which are less simple than the hydrogen 
spectrum ; but several of them contain similar series which can be 
represented with fair approximation by Rydberg’s formula: 


\(ni+pi)2 (n+/x)V 

where R has the same value as for hydrogen, /xi and p being constants, 
special to each series and usually fractional. When and p are both 
equal to zero, Rydberg’s formula reduces to that of Rainier for hydrogen. 

In general, most of the lines in either the arc or the spark spectrum 
may be allocated to four associated series, referred to as the Principal, 
Diffuse or First Subordinate, Sharp or Second Subordinate, and 
Fundamental Series, respectively. In Rydberg’s formula, the first 
line of a Principal Series is given when with the two Subordinate 

Series ivhen n=2, and with the Fundamental Series when n=8. 

Fowler’s method of showing the different scries is indicated in fig. 123 
for lithium. At the top of the diagram the mixed spectral lines are 
shown, in the order of their wave numbers, ex]>ress(‘d as xlO and 
in the four succeeding spaces these lines are sorted out into the various 
series. Below these the values of v are plotted against n. As n in¬ 
creases, the curves iipproach the broken lines, wdiieh give the limit 
values for —oo. It w^ill be noted that the diffuse and sharp series 
have a common limit. 

In general, the spectral series are not quite so simple as tliose 
indicated for lithium, in which each line may be regarded as a single 
line of one component only—a so-called singlet- —although in reality 
they are douldcts, but so close that they could not be differentiated in 
the diagram (fig. 123). It frequently happens that lines consist of 
tw^o or more components. If there are tw^o cojnponents, as in the 
case of the well-known sodium and Dg lines, which constitute the 
first pair of the sodium principal series, they arc termed doublets. 
The shorter wavelength components of each dout)let are then taken 
together as one series and the longer wavelength components as a 
second series, so that tw^o series are now to be considered in place of 
each singlet scries in the lithium spectrum. If the lines contain three 
components they are termed triplets and the series are then tripli¬ 
cated. Lines even more complicated than these may occur, and are 
known generally as multiplets. They are all characterised by the 
same value of n. It is important to note that the difference between 
the wave numbers of the components of doublets in a principal series 
decreases with increasing values of n, so that the two series have the 
same limit. This difference is termed the doublet interval. In the 
diffuse and sharp series the doublets do not close up but have a constant 
interval, which is the same for the diffuse as for the sharp series and is 
also equal to the interval of the first principal doublet. 

The data given in the table on p. 288, referring to some of the 
doublets in the princi})al, diffuse and sharp series of rubidium, will 
serve to illustrate the preceding statements. 

Doublets may often be recognised by the eye, but frequently the 




Fig. 123. —Series in the Lithium Si)ectrum. 
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Rubidium Series Lines. 


Principal Series, 

Diff. 

Diffuse Series, 

Dill. 

Sharp Scries, 

Diff. 

V. 

V. 

V. 

12, ST!)! 
12,817/ 

238 

12.8871 
13,121 / 

234 

13,494' 

13,7321 


238 

23,7151 
23,792/ 

77 

15,8721 

16,107( 

23.5 

16,2291 

16,4671 


238 

27,8341 

27,869/ 

35 

17,4631 

17,699/ 

236 

17,681 1 
17,9181 


237 

29,834} 

29,853] 

19 

18,40.51 
18.641 / 

236 

18,546] 

18,781 


235 

30,9581 

10 

19.0051 

236 

19,101 


232 

30,968/ 

19,241/ 

19,.333 

r 


The lines belonging to one and the same series an? similar in 
eharacter. Lines in different speetra {i.e, the spectra of different 
elements) that are similar in character and corres})ond to the same 
value of n in series of the same type were at one time called homo¬ 
logous lines. 

It has been mentioned that one series of lines, the Balmer series, 
has been found in the hydrogen spectrum ; other series are also known 
in the same spectrum, and the same is true for the spectra of helium 
and neon. The sj)ectra of the alkali metals lithium, sodium, ]>otassium, 
rubidium and cfesium contain principal, diffuse and sharp doublet series. 
Aluminium, gallium, indium, thallium, and probably scandium, yttrium, 
lanthanum, gadolinium and ytterbium, show doublet series in their 
spectra. The spectra of magnesium, calcium, strontium, barium, 
radium, zinc, cadmium, mercury and europium cotitain triplet series, 
although all the prineipal series arc not yet known. Generally speaking 
elements of odd atomic number have even multiplicity, those of even 
atomic number having odd multiplicity. 

One of the most valuable methods for detecting homologous lines 
and series is to examine the influence of the magiutic field on the 
spectra. When a source of light which gives rise to a line spectrum is 
placed in a powerful magnetic field, many of the spectral lines are 
found to be resolved into two, three, or even more, components, lying 
close together. This was discovered by Zeeman in 1896, and is called 
the Zeeman Effect. It is readily accounted for on the hyj)othesis 
that an atom consists of a central core surrounded by negative electrons, 
to the motions of which the spectral lines of the element are due, for 
the motions of the electrons, which are electrically charged, would be 
affected by the magnetic field. 

It was discovered by Preston (1899) that, for the same magnetic 
field, all lines belonging to the same scries exhibit exactly the same 
magnetic resolution when the results are expressed in wave numbers 
(Preston’s Law), and Runge and Paschen (1902) found that this 
law could be extended to corresponding series for different elements. 
From the point of view of the Zeeman effect, it is necessary to consider 
a doublet (or triplet) series as being made up of two (or three) separate 
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series, since the components of a doublet (or tri])lct) usually exhibit 
different types of resolution ; in the ease of helium, however, the ty})es 
are all the same and of the simplest variety. 

Line Spectra and the Periodic Table.—It was noted in the 
early days of speetrosc^opy that a rough spectroscopic relationship 
exists between the various members of a sub-group in a vertical column 
of the Periodic Table ; further, on eomparing analogous lines in the 
spectra of the allied elements there is a shifting of the whole spectrum 
towards the red or violet end with increasing atomic weight. Ilois- 
baudran (1869), who discovered this relationship, used it, with surprising 
success, to calculate the approximate atomic weight of g«allium, w}n(*}i 
element he discovered in 1875, obtaining the value 69-86. The 
accepted value at the present time (1981) is 69-72. 

A more accurate relationship was discovtTcd by Hunge and Precht, 
and is dealt with on p. 291. 

Cathodic Phosphorescence Spectra.-- In 1881 Crookes dis¬ 
covered that, after exposure to the bombardment of cathode rays, 
many substances emit a ])hosphorescent light. If this light is analysed 
spectroscopically, in general a faint (‘ontinuoiis sjx'ctriim is obtained 
together with a more or less de(‘ided concentration in the region corre¬ 
sponding with the colour of the emitted light. Less commonly the 
spectrum is discontinuous. A curious feature of the results is that 
pure substances are not sensibly ])hosphorescent when exposed to 
cathode rays. The phosphorescence is due to the presence of traces 
of foreign substances, termed phosphorogens, intiinately associated 
with the original substance or diluent, A, more intiinately, for example, 
than could be attained by mere mechanical mixing. 

Experiment shows that, as the amount of tlie second substance, B, 
is increased from a very small percentage, the intensity of the phos¬ 
phorescence increases to a maximum and then steadily diminishes, it 
being assumed, of course, that the mode of excitation is the same 
throughout. The optimum j^ercentage of B depends xipon the nature 
of both A and B, but is of the order of 0-5 to 1*0 per cent., and mixtures 
containing 20 per cent, or more of B often are not sensibly phos¬ 
phorescent. It is of interest to notice the analogy between this result 
and that connecting the percentage of eeria added to thoria in the 
gas mantle industry to yield a maximum illumination with coal gas. 
The optimum amount of ceria is 0-9 per cent. Increase or reduction 
of this amount diminishes the lighting efficiency very markedly. 

When B is a rare earth compound the phos])horcscence spectrum 
is sharply discontinuous, often exhibiting a large number of narrow 
bands. As the percentage of B alters, so does the colour of the phos¬ 
phorescent light. The colour changes are due to the fact that for 
mixtures of A and B each band in the spectrum has its own optimum 
concentration of B, in general the most refrangible bands being at their 
maxima with smaller amounts of B than the least refrangible bands. 
Hence, as the percentage of B increases, the colour of the jxhosphorescent 
light changes in the direction from blue to red along the spectrum. 

The phosphorescence spectra of a phosphorogen in different diluents 
exhibit a marked similarity, but are not identical; whilst bands occur 
in the same region of the spectrum, their absolute positions do not 
coincide. There is very little difference in passing from one diluent 
to another if the metallic constituents of the diluent are the same, as, 

VOL. I. 19 
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for exam})le, when samarium compounds, sucli as the oxide, sulphate 
and fluoride, are diluted with the (corresponding salts of calcium. But 
a change in diluent from, say, lime to yttria, produces a decided, if 
small, change in the positions of the bands. The physical state of the 
diluent also ])lays a small part. 

In general it may be stated that diluents ar(‘ colourless compounds, 
practically incapable of conducting the electric current; ])hos})horogcns, 
on the other hand, are coloured substances, namely com])ounds of metals 
which are coloured and exhibit absorption sj^cctra in solution. 

Those remarks ap])ly to systems which arc visually phosphorescent; 
it is possible, however, for a colourless substance, like gadolinia, to act 
as a phosphorogen in the ultrax iolet region. It is 
^ significant that gadolinium salts exhibit wcll-delincd 

ultrax iolet absorption spectra. 

I Various ternary syst ems have bee n studied in which 

I txvo phosphorogens share a common diluent. The 

J c\ sjxectrum of such a system is composed of the sj)ectra 

/ \ of the two phosj)horogcns, but each j)hosphorogen 

{ af)pears to diminish tbe intensity of the spectrum 

^ J ^ of the other. 

p r So far as visible phosphorescence is concerned, 

X I alumina, beryllia, lanthana, gadolinia, yttria, calcium 

] oxid(‘, etc. act as diluents, whilst (‘ompounds of iron 

( ] and chromium, prascodymia, ncodymia, samaria, 

V y terbia and europia may be cited as typi(‘al phos- 

] j phorogens. 

The form of vacuum tube best suited to the 
1? " 104 _ A observation of cathodic* phosphoresetmc'c spectra is 
^tus for l^roducing ®howm in fig. 124. The electrodes A and C are made 
Cathodic Phosphor- aluminium. The substance under examination is 

escence Spectra. placed in the lower part of the apparatus, with its 
surface slightly inclined. The upper ])art of the 
apparatus is sealed on to a mercury pump, not shown in the figure. 
If it is desired to include the ultraviolet region, a special form of tube 
with a quartz window B is used. 


Traces of manganese in lime produc*e an orange phosphorescence ; 
traces of chromium in alumina give red. Prascodymia diluted in lime 
gives a red phosjihorescence ; samarium, orange ; euro])ium, generally 
orange-red or carmine-red ; terbium, blue to green, ac*c(>rding to the 
amount of terbium ])resent. 

Binary rare earth mixtures may be prepared by precipitating the 
oxalates together from a mixed solution ancl calcining to oxide. Rare 
earth-lime mixtures arc obtained by precipitating the mixed carbonates 
and igniting to oxide. Finally, rare earth-alumina (or beryllia) 
mixtures are obtained by ignition of the mixed hydroxides. 


Applications of the Emission Spectrum. 

The spectrometer has been of very great use to the j^hysical chemist, 
and a few important illustrations of its application to chemical 
problems may be cited conveniently at this stage. 

1. To Characterise an Element.— Dc Grainont’s suggestion has 
already been mentioned (p. 280). 
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2. To Determine the Approximate Atomic Weight of an 
Element. —According to Runge and Precht’s Law, the logarithms 
of the doublet intervals of corresponding series in the sfx'etra of families 
of elements are proj^ortional to the logarithms of the atomic* weights. 
This is well illustrated by the alu¬ 
minium sub-group of Group III 
of the Periodic Table, as shown 
in fig. 125. 

liungc and Prccht in 1908 
applied their method to deduce 
the atomic w<iight of radmm by 
comparing its spectrum with the 
s])ectra of magnesium, calcium, 
strontium and barium, and de¬ 
duced the result Ra =257*8. 

Ordinary chemical methods, 
however, show that the correct 
value for the atomic weight is 
226. The method of Rimge and 
Prccht is therefore iiiexact. The 
relationship between the logar- 
itlims of the atomic weights and 
of the frequenev intcr\^als is, in ^*^* l2‘>-^Relationship hetweoii and 

fact, -not strictly linear. 

Another relationshi]) hctwwn the w^avc numbers of certain homo¬ 
logous lines of analogous elements was ()bs(‘rved by Ramage (1902), 
namely, that the differences between the wave numbers of the lines 
are ])roportional to the diffcren(*es between the squares of the atomic 
weights of the elements. For examj)le, the following are homologous 
lines : 


Ca, (diff.). 

Sr. 

(diff.). na. 

c = 23657*9 

21703*7 

18064*6 

(1954*2) 


(3639*1) 


If, then, the atomic weights of calcium and barium are taken to be 
40*1 and 137*4 respectively, and the value for strontium is denoted by oc, 

_ (4()-l )2}/}(137*4)2 = 1954*2/3039*1, 

whence 07 = 87 * 4 , in good agreement with the experimental value. The 
relationship thus illustrated is, however, only of limited application, 
e,g, in general it is not possible to choose the analogous elements so 
that some are in Mendelccff’s short periods and the others in the long 
periods (see Chajder XV'I). 

.3. To Detect the Presence of Traces of Elements, —Spectro¬ 
scopy affords one of the most delicate means of detecting traces of 
elements. Under suitable conditions it is })ossiblc to detect the 
presence of tlic following elements in the quantities stated : 

Sodium.0*0()()0()03 mgrm. 

Lithium ..... 0*00001 ,, 

Strontium .... 0*00006 ,, 

When the spark spectra of solutions of metallic salts are observed, 
it is found that, upon dilution, the lines weaken, then shorten and 
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finally disa])pear. All the lines, however, do not disa[)pea.r at the same 
dilution, although under given conditions the same lines disappear at the 
same dilutions. Those lines which persist the longest on increasing 
dilution are known as residual or ultimate rays. 

With the aid of photography permanent records of any ])artieular 
spectrum may readily be obtained, and, further, the spectrum is not 
confined to the visible portion, but can extend down into the ultra- 
vioh't region for very considerable distances. This is particularly 
valuable, as the most characteristic lines of certain elements occur only 
in the ultraviolet and thus are not detectable by the unaided human eye. 

In the ])rc])aration of exceptionally pure sid)stances, as, for 
example, those r(*quired for accurate atomic or combining weight 
determinations, the spectroscope has repeatedly proAcd itself of 
enormous value to the chemist. The purified substance is not usually 
regarded as sutliciently free from contamination until a pure s})ectrum 
is obtained witli it. 

The detection of mercury in explosives is carried out spectro¬ 
scopically, a solution being electrolysed, tlie cathode consisting of a 
platinum wire. After electrolysis the cathode is ))ut into a vacuum 
tube and heated. If mercury is present it is easily det(‘cted by its 
spectrum, notably by its green line A .5461, and two yellow lines A 5700 
and A 5770 respectively. The same platinum wire must not be used 
twdee, however, owing to the extraordinary dilliculty of removing 
every trace of mercury from it. 

Spectroscopic analysis has ]>roved very useful in determining the 
qualitative composition of dust in the air (see p. 481), and of solids 
dissolved in ta]) water and in mineral waters. It has been used to 
detect the presence of traces of nickc‘1, which is used as' a catalyst in 
the hydrogenation or hardening of oils to fats. It has enabled the 
presence of zinc to be detected in the ash of cobra venom. Indeed, 
the list of its applications might be very greatly extended. 

4. The Discovery of New Elements. —The presence of two new 
blue lines in the spectrum of residues from the waters of a spring at 
Diirkheim led Bunsen and Kirchhoff ii\ 1860 to conclude that a new 
metal was present. This metal ultimately was separated as an amalgam 
with mercury and named caesium (Latin ca^ftius\ sky-blue). A second 
element was discovered the following year (1861) by the same in¬ 
vestigators also in the Diirkheim winters with the aid of the si^ectro- 
scope and named rubidium (Latin ruhidus^ dark red) in recognition 
of the two dark red lines in its spectrum. Thallium was discovered 
in 1861 independently by Crookes in England and Lamy in France. 
Each of these scientists observed a new green line in the spectrum of 
some material under examination, attributed it to a new element and 
succeeded in isolating the element. Crookes, who in March 1861 was 
the first to make the discovery, was engaged in extracting selenium 
from a deposit obtained at a sulphuric acid factory at Tilkerordc in 
the Hartz. He called the new element thallium in allusion to the 
green colour of its spectrum (Latin thallus, a budding twig). 

During the solar eclipse visible in India on the 18th August 1868, 
a spectroscope was for the first time turned upon the solar chromo¬ 
sphere—the luminous atmosphere of gas which surrounds the sun. 
Many observers noticed in the chromospheric spec‘trum a yellow line, 
supposed by them to be a D line of sodium. Janssen pointed out, 
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however, that this line did not exactly coincide with the sodium lines 
Di and Dg, and he proposed to call it Dg. Later in the same year 
Frankland and Lockyer came to the conclusion that this line could not 
be attributed to any known terrestrial substance, but must be due to 
a new ('lenient existing in the sun. To this hypothetical element they 
gave the name helium (Greek helios, the sun), a name which was 
g(*nerally accejited by astronomers to denote the substance giving rise 
to the line Dg. The actual discovery of terrestrial helium was also 
made sjiec'troseopically by Sir William Ramsay in the later jiart of 
1804 wlien searching for new sources of argon, then recently discovered. 
While (‘ngaged in this investigation he received a letter from Miers, the 
eminent mineralogist at that time connected with the British Museum, 
in which it was suggested that it might be worth while to examine 
certain uraninites (varieties of piteh-blende) from which Hillebrand 
had in 1880 obtained a gas which he had supposed to be nitrogen. 
Ramsay considered it improbable that nitrogen could havc^ been 
obtained from its compounds by the methods Hillebrand had used, 
and therefore proceeded to re-examine eleveite, one of the minerals 
from wliich the su[)posed “ nitrogen ” had been obtained. 

It was really a most unfortunate chapt(‘r of accidents that pre¬ 
vented Hillebrand from making the discovery of helium. He had 
confirmed the' presence of nitrogen in the eleveite gas in various ways : 
(a) the gas when s])arked with oxygen gave nitrous fumes ; (h) sparked 
with hydrogen in tlie presence of hydrochloric* acid it gave ammonium 
ehloi'ide, the identity of which was proved by conversion into ammonium 
l)latiniehloride and estimation of the platinum in that salt; (c) when 
subjected to an electric*al discharge in a vacuum tube the gas gave a 
strong nitrogen s])ectrum. Ramsay was able to confirm the accuracy 
of these results, as he found about 12 per cent, of nitrogen in the helium 
from eleveite. 

Hillebrand, writing to Ramsa}^ after the discovery of helium had 
])ecn announced, cxj>lained that he had noticed that in his experiments 
the formation of nitrous fumes and ammonia proceeded very slowly, 
and that the spectrum contained many lines not attributable to 
nitrogen. To the first phenomenon he attached but little significance 
as he was using only a small current. He was aware that the spectra 
of gases are profoundly inllucnced by changes of })ressure, and therefore, 
tliough he and his assistant jocularly suggested that they might be 
dealing with a new element, the matter was allowed to drop, and 
helium remained undiscovered for another live years. Truly a great 
discovery narrowly missed ! 

Ramsay heated powdered eleveite with dilute sulphuric acid, 
sparked the resulting gas with oxygen over soda, removed excess of 
oxygen wnth alkaline pyrogallate, washed with water, dried and 
transferred to a vacuum tube. The light given by the passage of 
ele(?tricity through this tube was examined visually in a spectroscope 
alongside that from a Pliicker tube containing argon, as a comparison. 
It so happened that this second tube, owing to impurities contained 
in the magnesium electrodes, gave the spectra of hydrogCTi and nitrogen 
as well as the argon spectrum. It was at once evident that the eleveite 
gas contained some argon and hydrogen, but it gave also a brilliant line in 
the yellow, nearly, but not quite, coincident with the yellow sodium lines. 

The wavelength of this line was measured by Crookes and proved 



294 


il^HYSICAL CHEMISTRY. 


to be exactly that of the solar D3 line. It thus became known that 
helium could then(‘cforward be reckoned among the number of terres¬ 
trial elements. 

The s])eetrosco})e was of the greatest use in confirming the existence 
of argon, neon, krypton and xenon. The spectra of helium and these other 
inert gases as produced in ordinary vacuum tubes are shown on Plate I. 

The presen(‘e of two new indigo lines in the spark spectrum of a 
specimen of Freiberg zinc blende led Reich and Richter in 1803 to 
sus])ect the presence of a new element. Their suspicions Were con¬ 
firmed and they succeeded in isolating a new metal, which they appro¬ 
priately called indium. 

In 1875 Lceoq dc Boisbaudran observed a new violet line, A 4170, 
in the spark spectrum of some material he had separated from the 
zinc blende of Pierrefitte ; further work led to the discovery of another 
new line, A 4031, and established the fact that both lines belonged to 
the spectrum of a new element, to which the discoverer gave the name 
gallium, in honour of liis native country. 

5. The Composition of Celestial Bodies.—As we have already 
seen, with the aid of the Fraunhofer lines and by examination of the 
sun’s chromosphere, the (qualitative composition of the sun has in })art 
been elucidated. Altogether the presence of some forty of our elements 
has been detected in the sun. The presence of some terrestrial 
elements in certain stars has also been ascertained spectroscopically. 

That curious j)henomenon known as the aurora borealis (Latin 
Aurora^ the Roman goddess of dawn ; Boreas^ (God of) north wind) 
has attracted man’s attention from very early times. Several refer¬ 
ences to it were made in the sixteenth century, and it was rt^garded as 
a portent of disaster. When krypton was discovered by Ramsay and 
Travers in 1898, its spectrum was observed to contain two important 
lines, namely a green line A 5570 and a yellow^ line A 5871. Sir William 
Huggins directed attention to the similarity of the green krypton line 
with a very jironpunced green line in the auroral spectrum, and these 
were regarded as identical, although we now know that they are not 
quite the same. It was therefore suggested that the aurora might be 
due to an electric discharge through rarefied kryjitqn at great heights. 
But the yellow krypton line does not occur in the aurora, and altera¬ 
tions in the conditions of the electric discharge through krypton do 
not give any variation in the intensities of the green and yellow lines 
of the gas. It seems improbable, therefore, that the auroral pheno¬ 
mena can be connected with krypton. The clue was obtained even¬ 
tually by McLennan, who produced the auroral line by passing heavy 
electric discharges through mixtures of argon and oxygen or of helium 
and oxygen—the oxygen being essential. It thus appears that the 
auroral green line is due to oxygen. A red line occurring also in the 
aurora is presumed to be due to nitrogen. 

The spectroscope has also been used in proving the identity of 
a-particles with helium nuclei (see Vol. II), and in the calculation 
of atomic speeds from the width of the spectral lines (p. 281). 

The Absorption Spectrum* 

When a solution of, say, neodymium chloride is examined in 
ordinary daylight, it is found to have a clear rose colour by transmitted 
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light. The explanation is, that as the white daylight passes through 
the solution, many of its constituent rays are absorbed. The cumu¬ 
lative effect of the rays that are not absorbed is to impart to the human 
eye the sense of a rose colour. If the transmitted light is analysed 
spectroscopically, it is found to (consist of bands of light of various 
wavelengths, whilst the remainder of the field, that otherwise would 
have been occupied by the various light waves of tlie continuous 
spectrum, is now dark, giving the appearance of dark bands, the 
so-called absorption bands. The whole constitutes the absorption 
spectrum of the given solution. 

The absorption spectra of solids may be examined in the ordinary 
manner a})[)licable to li(|uids if thin, transparent crystal slices are 
available ; otherwise it is necessary to examine the light they reflect 
for absorption bands. The latter spectra arc termed reflection spectra. 
1'he two kinds of spectra for the same substance usually are not identical. 

Absorption spc^ctra are not confined to the narrow range of wave¬ 
lengths visible to the human eye ; they extend into the infra-red and 
the ultra-violet; except in the remote infra-red region they can be 
recorded by })hotographic methods. In the infra-red region the bolo¬ 
meter (Greek hole^ ray) or more frequently the thermopile is used. 

What happens to the absorbed light waves ? Usually they cause 
a rise in temf)erature of the absorbing medium ; sometimes fluorescence 
is produced (p. 311), and sometimes they promote chemical changes 
by supplying the necessary energy. In this latter caj)acity absorbed 
light plays a most important part in biological processes, being largely 
instrumental in the production of alkaloids, oils, and numerous other 
complex organic derivatives in jdants (see Vol. II). 

In order to observe an absorption spectrum, a suitable source of 
light is focussed on to the sHt of the spectroscope and the absorbing 
medium interposed between the light source 
and the slit, close up to the latter. For 
observations in the visual region, the 
solution may conveniently be contained in ^ 
an absorption cell with a pair of plane, 
parallel ends; diffused daylight serves as 
a suitable source of light. With the aid of Puj. 126 .—Absorption Coll (Baly). 
photography permanent records are obtain¬ 
able. If observations arc to be made for a considerable distance into the 
ultra-violet region, all glass parts between the slit and light source must be 
replaced by quartz, and the source of illumination may be the arc spec¬ 
trum of a metal such as iron. A useful form of cell is shown in fig. 126. 
Tubes A and B are joined by a broad rubber baud C, and the absorbing 
solution is admitted at I) ; the plates E and F, which close the ends 
of the tubes, arc made of quartz if necessary. The changes in the 
absorj^tion spectrum as the thickness of the absorbing medium is 
varied can easily be followed by sliding the inner tube in and out of the 
outer one. Tube A may be graduated so that the thickness of the 
liquid column EF can be read directly or logarithmically. Photographs 
of the absorption spectra of praseodymium and neodymium nitrates 
are shown on Plate II for various thicknesses of the absorbing layers. 
The results may be shown graphically by plotting either the wave¬ 
lengths or the frequencies against the concentration. When, however, 
a wide range of concentrations is used, the procedure is cumbersome. 
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It is usual, therefore, to express the eoneentration logarithmically as 
shown in fig. 127, which shows the absorption spectrum of an aqueous 



Fia. 127.—Absorption Spectrum of Aqueous Neodymium Chloride (Rech). 
(Thickness of absorbing layer— 20 cm.) 

solution of neodymium chloride. Examination of this spectrum 
shows that certain broad bands seen in the normal solution become 
resolved into a number of narrower bands as the dilution is continued* 
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Absorption Spectruin of a Normal Solution of Neodymium Nitrate. Thickness of 
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OPTICAL PROPERTIES. 


297 


Eventually, as dilution proceeds, the bands disappear, but the dilution 
at which any one band disappears is not necessarily the same as that 
at which any other band ceases to be visible. Some bands can be 
observed only in rnodcratcily concentrated solution, while others are 
still visible in extremely dilute solution. It should therefore be borne 
in mind, when consulting complete lists of absorption bands, that all 
the bands enumerated cannot be seen at one and the same time, for in 
solutions sulliciently concentrated to exhibit the weak bands, others 
will have coalesced, producing a smaller number of broader bands. 

It is frequently convenient to describe an absorption spectrum by 
stating for cacli band the wav(dength corresponding to the position 
of maximum absorption—the so-called peak of the band. This is not 
necessarily at the middle of the band ; moreover, a broad band may 
show two or more ])eaks. The positions of these ])eaks are, in general, 
f)raetically independent of the concentration of the solution. 

The foregoing illustrates the ])rinciplc of selective absorption. 
In some cas(‘s the transmitted light consists of a definite and con¬ 
tinuous fraction of the s])eetrum and is not obviously split up into 
separate bands. Tims, for example, absorption may begin in the 
yellow region, the waves of greater wavelength being transmitted 
and those of smaller wavelength absorbed. This is termed general 
absorption, and is illustrated by succinic acid. There is no real, 
hard and fast distinction between these two types of absorption, 
however. Thus, for exam})le, (juartz begins to absorb in the infra¬ 
red at about 40,()()() A. The absorption increases slowly with the 
wavelength, ultimately reaching complete opacity in a way that would 
entitle it to be termed general absorption ; but further still in the 
infra-red the (juartz becomes increasingly transparent again, and at 
1,080,000 A a })late 2 mm. thick will transmit more than 80 per cent, 
of the radiation (Rubens and Wood, 1911). 

From the photographs it is evident that the edges of the bands 
are often hazy and difficult to define, so that whilst direct comparison 
of two such photographs can yield results of very great interest and 
importance, their value is limited by the fact that they are of little 
more than qualitative significance. It was not until early in this 
century, upon the introduction of the spectrophotometer, that truly 
quantitative measurements became possible in the ultra-violet, although 
in the visible region important work had been done even before 1880, 
as, for example, Vogel’s spectroscopic determination of carbon monoxide 
in the blood. 

Laws of Absorption. —Before explaining the principle of the 
spectrophotometer it is desirable to enunciate the two principal laws 
of absorption. 

(1) Lambert’s Law states that— 

the propoHion of light absorbed by a substance is independent of the 
intensity of the incident light 

This law appears to be rigidly true, and upon it is based the conception 
of what is termed the Bunsen-Roscoe extinction coefficient, usually 
denoted by c. It is easy to visualise some method of determining the 
thickness, Z, of the medium under examination that is required to 
absorb exactly nine-tenths of the incident light, thus reducing the in¬ 
tensity of the transmitted light to one-tenth. For some substances, 
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such as quartz or glass, which are tcrnuHl “ transparent,” /, measured 
ill centimetres, may he great; for an optically dense medium like 
glue it may be small. The reciprocal of I is taken as the “ extinction 
coefficient,'’ so that, for a given wavelength 

I 

If /q is the inteiisity of the incident light ent(‘ring a medium, and / 
that remaining after ])assage through a path of length d cm., then 

or 

loKioj 

Another useful term is the optical density, which has the follow ing 
specialised meaning (llurter and Driffield, 1890). Giving 1^ and J the 
same slgnilicaiu'c as before, the density, 7), is defined by the expression 

The total density of a number of media is equal to the sum of their 
sejiarate densities. 

(2) According to Beer’s Law, the intensity of absorption is directly 
proportional to the concentration of the solution. More correctly 
stated— 

the increase in intensity of absorption at any point in the spectrum, 
due to increase of eo 7 iccntration of the absorbing suhstdnee, may be exactly 
nullified by a diminution in thickness of the absorbing solution in the 
same ratio. 

This law is obeyed wdth considerable ac’curacy when variation in the 
concentration of the solution is not aeeom})anicd by disturbing factors 
such as hydration, association, dissociation, etc. 

If c is the concentration of the solution and d the thickness through 
which the light passes, Beer’s Law^ states that ► 

/=7oa ^ 

where a is a constant for the liquid under investigation, and represents 
the ratio of the transmitted to the incident light for unit thickness and 
concentration. Looking at this in another w^ay, we can write 

i-/ol() 

where e is the “ extinction eoelticient ” of the solution of unit thickness 
and concentration ; that is to say. Beer’s Law states that the extinction 
coefficient, for a given wavelength, of a solution of concentration c, 
is c times that of the same solution of unit concentration. 

The Spectrophotometer.—The principle of the Hilger Sector 
Photometer, designed by Twyman in 1910, is shown diagrarnmatically 
in fig. 128. The source of light L is usually a spark discharge between 
electrodes of steel alloyed with tungsten and other metals which yield 
an enormous number of lines in the spectrum and make it easy to 
determine points of equal intensity in two spectrum photographs when 
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placed close together. Immediately in front of the slit of the spectro¬ 
graph is a bi-i)rism B, which receives the light from the source in the 
following manner. The light emanates from the source L, and may 
reach the slit by two alternative ))aths. An upper beam passes through 
the wedge prisjn P, and then through a rotating sector S, the aperture 
of which can be varied. The beam falling on the bi-prism, B, is devi¬ 
ated by the lower half of that prism to pass axially along the collimator 
of the s]>e(*trog!*a])h. The second beam traverses first the absorbing 
licpiid under examination, contained in a suitable cell A, then a wedge 
])rism P', similar to P but so arranged as to divert the light upwards 
instead of downwards, and iinally through a rotating sector S', of fixed 
aperture. The beam is then diverted by the upper half of the bi-prism 
B, and j^asses axially along the collimator of the spectrograph like 


S 


slit 

S' 


ADAM HUGER LONDON 

Fj(}. 128.— Princij)lc of Hilger Sector Photometer. 

the first. We thus have the spectrogra])h fed by two beams, the one 
cafiablc of being varied in intensity at will by varying the ajierture 
of the rotating sector, the other subject to the absorption of a known 
thickness of the litpiid under examination. A series of photographs 
is taken on a single photographic plate with the sector S set to different 
apertures. Eacdi of these jdiotographs (‘onsists of a pair of spectrum 
photographs in close juxtaposition, one of whi(‘h is of reduced density 

throughout its whole length, the other.that corresjionding to passage 

through the material under test—being more dense than the first in 
certain parts and less so in others, there being certain wavelengths 
where the densities of the two are cipial. The places of equal density 
being spotted, everything necessary is known for the plotting of the 
absorption cur^ e. 

The kind of result obtained is beautifully illustrated in Plate III, 
where points of equal intensity are shown by wdiite dots. These photo¬ 
graphs were actually obtained with a later form of instrument than 
that described above, namely the Spekker Photometer, designed by 
Twyman about 1930. Fig. 129 shows the absorption curve drawn from 
the photographs in Plate III. 

Absorption Spectrum of Water. —The absorption of light by 
water has been studied by passing a beam of light through a column of 
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water several metres in length. A faint and narrow band was observed 
in the orange at a wavelength of approximately 6000 A. This band 
beeanic slightly more distii\et and a general absor[)t.i()n of tlu; extreme 
red was noticed as the thickness of the water laj^er was increased from 
S-3 to 4*5 metres. 

In small quantities water appears colourless, but in deep layers it 
is jK)SScssed of a bluish tinge, which tends to beeonu' greenish as the 



W^vnCNCTH 


Fig. 129.—Absorption Curve drawn from J’hotograph on^Uate Til. 




temperature is raised. The cause of the coloured appearance^ of natural 
waters has been the subject of considerable discussion. The light blue 
hue of water that has been softened by ( lark’s jirocess has frequently 
been commented upon, and points to the suggestion that the colour 
is due to the scattering of light by suspended jiarticles. Threlfall 
(1899) found that the following solution, when viewed through a tube 
18 cm. in length, matched with considerable precision the colour of a 
sample of water from the Mediterranean : 

500 c.c. distilled water. 

0*001 grm. soluble Prussian blue. 

5 c.c. saturated lime water just precijiitated by the smallest excess 
of sodium hydrogen carbonate. 

According to Aitkin (1882) the Mediterranean Sea owes its colour 
to minute suspended particles which reflect rays of all colours, whilst 
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the water, by virtue of selective absorption, allows only the blue rays to 
escape. The solid particles thus determine the brilliancy of the colour, 
whilst the selective absorption by the water determines the colour 
itself. The f^reen colour, so frequently noticed in the sea, is attributed 
to the presence of yellowish particles in suspension. On the oth(‘r 
hand, the green colours of such lakes as Constance and NeuchMel arc 
ascribed to the mixing of the natural blue of the waters with yellow 
produced by the ])rcsencc of finely divided particles of suspended 
matter, which latter may themselves be (juitc colourless. Sometimes 
lakes, normally greenish in colour, become temporarily colourless. 
This is attributed to the ])resencc of fine reddish mud, containing oxide 
of iron, which (‘ounteracts the green. 

The greenish colour of the sea off the coast of Western Australia 
may bt‘ due to the presence of traces of organic colouring matter dis- 
solv(^d out of living or dead seaweed. The green colour of Antarctic 
waters has been attributed to diatoms and the excretions of minute 
ariirnals, whilst the sea water at Mogador (Morocco) and off Valparaiso 
and San Francisco is believed to be coloured green by chlorophyll. 

Perfectly pure water is almost a chemical impossibility, inasniuch 
as contact with any containing vessel must lead to contamination. 
Even optically ])ure water is difficult of attainment; it cannot be 
})repared by mere filtration or distillation ; even water obtained by 
distillation from ac^id permanganate solution and subsequent re- 
distillation from a copper vessel in a hydrogen atmosphere is not 
optically void. Tyndall obtained optically pure water by melting 
clear blocik ice in a vacuum. It showed a blue tinge when examined 
in a three-foot layer. 

Now, if pure water is coloured slightly blue, as is generally conceded, 
the effect cannot be due to cither of the foregoing causes, namely, the 
presence of suspended or dissolved materials, wdiich are knowm to 
accentuate, if not to be the sole cause of, the colours of natural waters. 
It must be due to a pure absorption effect of the water itself. The 
relation between colour and constitution is by no means clear, but the 
suggestion has been made that the greenish tinge acquired on raising 
the temperature is a consequence of the depolymerisation of the water 
molecules, the polymerised molecules being bluish in colour, whilst the 
single monohydrols are green. This receives support from the fact that 
solutions of colourless salts, wdiich may be expected to contain fewer 
polymerised molecules than solutions of coloured salts, are more green 
than pure w^ater at the same temperature. 

The brown colours of certain natural waters are sometimes due to 
ferruginous suspensions, but in many cases are attributable to colloidal 
organic matter. Typical waters of this class occur in the uplands of 
Lancashire and Yorkshire. The colloid is usually electronegative in 
character, exhibiting electroj^horesis in the direction of the anode and 
being precipitable by positively charged ions and colloids and by 
electrical treatment (p. 461). 

Absorption in the Infra-red. —Water molecules exert a powerful 
absorption in the infra-red region, both in the free state and when 
loosely combined as so-called “ water of crystallisation.” The strongest 
bands lie at and 6/x, other well-marked bands occurring at 1*5 /a, 
2 and 4*75 fx (p. 8). On the other hand, when the water is more firmly 
attached to other atoms in a molecule, as, for example, in hydroxides, 
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where it lunc^tions as “ water of constitution,” the fort^^oing bands do 
not appear (Coblentz, 1905). A few results are given in the following 
table : 


Substances showing No Water 
Bands. 

Anhydrite, CaS 04 . 

Quartz, SiOg. 

Hrueite, Mg{OIl)g. 
Manganite, MnO.OlI. 
Goethite, FeO.Oll. 


Substances showing Water 
Bands. 

(ilv})sum, raS 04 . 2 H 20 . 

Opal, SiO^.^rllgO. 

Alum, K 2 S() 4 .Al 2 (S 04 ) 3 .‘ 2 Ul 2 (). 
Potassium ferroeyanide, 

K4Fe(CN)e.8ll20. 


Manganite is usually written as MogO^.H^O, and go(*thiie as Fe 203 .Il 20 , 
but tlieir infra-red absorption spectra suggest the hydroxylated formuhe 
are more correct. Anhytlrite and quartz show weak bands in the 
neighbourhood of the water bands. Tale, when heated to redness, 
loses water ; it does not, however, show water bands, from which we 
infer that the expelled water was present as “ water of constitution.” 
Serpentine, on tlie other hand, shows the wat(‘r band at .3/t and is 
therefore a hydrated mineral. 

Absorption Spectra of Inorganic Salt Solutions.—Solutions of 
salts containing a eomnion coloured radical united with a colourless 
radical frequently possess similar, if not identical, absorption spectra. 
Ostwald in 1889 showed that this was the case with soluble })erman- 
ganates, such as those of the alkali metals. Chromates and diehromates 
behave similarly. The foregoing examples refer to coloured negative 
radicals attached to colourless metallic radicals. If a coloured metallic; 
radical is attached to a series of colourless acid radicals, in general the 
absorption spectra are also very similar, althougli sometimes marked 
differences occur. It must be remember(‘d, however, that in aqueous 
solution several disturbing factors may influence the spectrum, such 
as combination with the solvent, hydrolysis and ionisation. This last- 
named factor is exceedinglv important, and is dealt with in detail in 
Vol. II. 

Rare Earths.—The absorption spectra of the rare earths have 
proved very useful in rare earth analysis. These earths and their salts 
so closely resemble one another in their chemical and physical properties 
that the detection and separation of any particular inember of the 
series in a complex mixture by ordinary eliemical methods may be a 
matter of the utmost dillieufty. Salts of the following rare earth 
metals when in aqueous solution yield charaeteristit; visual absorption 
spectra : praseodymium (Plate II), neodymium (Plate II), samarium, 
europium, dysprosium, holmium, erbiunC thulium, and probably also 
the exceedingly rare element illinium. Unfortunately, however, these 
absorption spectra overlap a great deal, and the presence of some of 
the elements may completely obliterate the evidence of the presence 
of others. Praseodymium, neodymium and erbium can readily be 
identified in mixtures. Samarium can usually be detected by the 
presence of an absorption band the centre (not the head) of which has 
a wavelength 4020 A. It is an unfortunate eireumstance that the 
strongest^ of the samarium bands lie very closely in the neighbourhood 
of prominent bands of neodymium and europium, for these are the two 
elements most difficult to remove from samarium. Dysprosium, which 
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was originally characterised by its visible absorption spcctnini, may 
also be identified by its ultraviolet absorption sj)ectruin. 

The wavelengths of the ])eaks of the chief bands of the visible 
absor})tion specitra of a few of the more iin])ortant rare earth metals 
are given below, and the student is recommended to compare the data 
for praseodymium and neodymium with the photographs on Plate II. 


Praseodymium 

Neodymium 

Samarium . 
Europium . 


AA 4815, 4690, 4435. 

7324, 5800, 5780, 5740, 5200, 
5120, 5090, 4274. 

4760, 4630, 4170, 4020. 

5251, 5234, 4656, 4645. 


Salts of Cobalt.-- h'or many years ehemists have been greatly 
attracted by the colour changes manifested by salts of eol^alt, some of 
which have bc(‘n used for invisible or “ sympathetic ” inks. Acpieous 



Fio. 130.—Solubility Curve of Cobalt Chloride. 


solutions of cobalt chloride may be obtained by dissolving the carbonate 
in diluted hydrochloric acid, and upon crystallisation at the ordinary 
temperature, deep rose-red monoelinic prisms of the heorahifdrate^ 
CoClg.OHgO, are ol)tained. These lose four molecules of water when 
warmed to 50® C. over sulphuric a(*id, yielding the rose-coloured 
dihpdratey C 0 CI 2 . 2 II 2 O. At 100® C. one further molecule of water is 
expelled, a violet monohydrate j C 0 CI 2 .H 2 O, remaining. At 120® C. the 
hltie anhydrous salt is obtained. 

The solubility curve of cobalt chloride in water is shown in fig. 130. 
In the cold the saturated solution is a deep rose-red colour, like the 
solid hexahydrate. On w^arming, it be(‘omes violet between 25® and 
50° C., above which latter temperature it is blue. This was at one 
time attributed to a change in hydration of the cobalt salt in solution 
from the hexahydrate through th<^ violet monohydrate to the blue 
anhydrous salt (von Rabo, 1857). This appeared to iTe(*i\e sii|)port 
from the fact that cobalt chloride dissolves in ordinary ethyl alcohol 
yielding a blue solution, which first becomes violet and then red on 
additipj) of water. The explanation, however, is not quite 
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as simple as this ; it does not, for example, explain why some sub¬ 
stances, such as zinc chloride, when added to the solution, do not 
affect its colour, whereas others, such as hydrochloric acid and calcium 
chloride, tend to change the colour from red to blue. 

Ostwald in 1898 suggested a simple ionic explanation, namely, that 
the red colour is that of the cobalt ion, the blue that of the undissociated 
salt. This is certainly not a complete exj)lauation, for the solid 
crystalline hexahydratc is dark red in colour, not blue. Further, the 
theory demands a very marked decrease in ioiusation in sohition with 
rise of temperature, which experiment does not su])port. 

An important clue was given by Donnan and liassett in 1902 when 
they found by electrolytic experiments that the blue solutions contain 
a blue anion, in which the cobalt atom is present, whereas the rose 
solutions possess a rose-coloured cation, containing the cobalt. 

The true explanation api)ears to li(‘ iT\ the tendency of (‘obalt in 
solution to yield complexions. When associated with four monovalent 
groups or their ecjuivalent, that is, when the co-ordination number 
(V^ol. TI) is four, the colour is blue. When the co-ordination number is 
six, the colour is red (Hill and Howell, 1924). Thus, for cxainjde, 
using Werner’s notation (Vol. 11), in cool solutions tlic rose colour is 
due to hexaquo-ions, thus 


The reason that zinc chloride and mercuric chloride do not change the 
colour of the solutions appreciably is due to the presence of complex 
ions of the type : 


Co 


Cl n 

{ZnC\,)J ’ 



^^4 

(HgClg) 



The blue colour caused by the addition of hydro(*hloric acrid to the 
solutions is attributed to the formation of blue negative ions containing 
the cobalt, namely 

[CoClJ-. 

Dilution breaks these ions down, and the rose-coloured hexaquo-ions 
are produced; for this reason dilute solutions of cobalt chloride, 
sulphate and nitrate yield identical absorption spectra. 

Ghromophores. —In 1870 Witt suggested that the colours of 
organic substances arc connected wdth the presence of certain un¬ 
saturated groups which he called chromophores. Of these the most 
important are 

C=C, C-:0, C=S, C-:N, N=N, N==0, and NOg. 


Quinonoid structures are also associated with colour, and may be 
regarded as coming within the purview of the above in that they 
consist of compact assemblages of C~C groups (Nietzki, 1888). 
Molecules containing a chromophoric group are termed chromogens. 
These chromogens are not of necessity coloured bodies themselves. 
Thus benzophenone, CgllgCOFgHg, is a chromogen, as it contains the 
chromophoric group C“-=0, although it is colourless. On introducing 
the amino-group into the molecule aminobenzophenone is obtained. 
This is a yellow compound, and the amino-group “ developing ” this 
colour is termed an auxochrome (Latin augere, to increase). Another 
well-known auxochrome is the hydroxyl group. When a eferoniogen 
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is already coloured, introduction of an auxochrome serves to intensify 
the colour. Thus nitrobenzene is pale yellow, and the nitranilines have 
a deeper or more golden colour. 

Colour depends not merely on the presen(;e of a chromophorc, but is iri- 
lluenced by the number and position of the chromophores within the mole¬ 
cule. Thus, for example, diphenylethyicne, CgHjjCH : CHC^IIg, is colour¬ 
less, but diphenylhexatriene, : CH.CH : CII.CH : CH.CeHs, is 

yellow. 

Ring formation causes an increased compactness of chromophores 
and thus tends to promote colour phenomena. Thus diphenylfulvenc, 

CH- CH. 

C’II-=CII/ 


which may be regarded as the cyclic analogue of diphenylhexatriene, 
is dark red in (colour. 

Although benzene is not visibly coloured, yet it ])oss<‘sscs a definite 
absorption S})cctrum in the ultraviolet region, l^ronounecd colour is 
associated with the 



group. Thus 


H 




lie 

CII 

II 

1 

HC 

CH 

V 



H 


Benzene 

(Colourless). 


I! 

/’\ 

lie eii 

li li 

lie eii 

\c/ 

II 

o 

Quinono 

(Golden-yellow). 


The C“0 group produces no colour effect in the simple ketones 
and aldehydes, although these substances may show selective absorp¬ 
tion in the ultraviolet region. Acetone is a good example. Reduction 
of this ketone to isopropyl alcohol, CH3CHOHCH3, removes the power 
of selective absorption, the alcohol showing only general absorption. 
The introduction of a second ketonic group into a molecule may or may 
not induce a colour effect, according to circumstances. Thus, acetyl 
acetone, CH3COCH2COCH3, is colourless, but diacetyl, CH3CO.COCH3, 
in which the two chromophores are in juxtaposition, possesses a yellow 
colour. Introduction of a third and of a fourth C =0 group into the 
molecule results in the production of orange and orange-red products 
respectively. Thus : 


Acetone, CH3COCH3 .... 
Diacetyl, CH3CO.COCH3 
jSyS-Triketopentanc, CH3CO.CO.CO.CH3 . 
Py8c-Tetraketohexane, CH3CO.CO.CO.COCH3 
VOJU I. 


Colourless. 

Yellow. 

Orange. 

Orange-red, 


20 
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The ('~S group appears to possess greater colour-producing power 
than C==0 for, whilst accto})hcnone and benzophenone are colourless, 
their thio-dcrivatives are blue. Thus 


Cell,.CO.CIl3 

Acetoi)henoiio 

(Colourloas). 


'Jliio-auot-ophenouc 

(Bluo). 


Ceii,.co.c,H, c,,n,.cs.tvir3 

Benzophonone Thio-briiz(ii>lK‘Honc 

(Cdlourloss). (Bluo). 

The N -N group is powerfully ehroinophorie. Aliplialie substances 
containing this group are generally yellow. Thus 

II 


Diazometliano 
(Yellow). 

Aromatic compounds containing the N^N grou]) are often brilliantly 
coloured. Artificial dyestuffs, known as azo-dyes, contain this grou]), 
and are of world-wide reputation. Examples are affordc^d by 

Azobenzene, Cgllg.N-^N.C’^Hg .... Hrilliant red. 
Methyl orange, SOyNa.C gH 4 .N-—N.CgIl 4 .N((Ml.j )2 . Orange. 

.N=-N.CeH3(Nll2)2.11Cl 

Bismarck brown, CeH 4 <^ . Brown. 

\N--N.CgH3(NH2)2.nCl ' 


/N 


(II 


\ 


■N 

(OOCall,, 

Diazoaciet-ic ester 
(Yellow). 


The NOg group acts as a w^cak chromophorc, some derivatives, such 
as the nitroparafiins, being colourless ; otiu^rs are yellow or orange. 
A curious feature of the nitro-group lies in the fact that du]>lication in 
the molecule does not enhance the colour, })ut may reduce it. This is 
shown, for example, by nitrobenzene, which is j)ale yellow% whereas 
dinitrobenzene is colourless. On the other hand multiplication of the 
C~0 group enhances the c*olour, as wc liave already seen. 

Grou})S wdiich, on introduction into tin organic compound, shift the 
absorption band towards the red are termed bathychrome groups 
(Greek bathus, deep); hypsochrome groups liaise the reverse effect. 
Thus bromine and the methyl group are bathychromic, wdiilst the nitro- 
group is often hypsoehromic. The following examples illustrate this: 


Region of 
Maximum 
Absorption 

fifi. 

Indigo . . . 604*8 

Methyl indigo . . 619*7 


Region of 
Maximum 
Absorption 

flfU 

Fluorescein . . 494 

Tetrabromfluorescein 515*9 
Tetranitrofluorescein 489 


The nitro-group may, however, exert a bathychromic influence, as in 
the nitranilines and nitrophcnols, which are more highly coloured than 
aniline and phenol respectively. 

An auxochrome usually exerts a bathychromic influence; for 
example anthraquinone is yellow, whereas a-amino-anthraquinone is red. 
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Chemical Constitution. —The nature of the absorption spectrum 
of an organic derivative may, in certain cases, afford a clue to the 
chemical constitution of that derivative, the assumption being made 
that compounds of similar structure will give analogous absorption spectra. 

This is Hartley’s Rule. 

One of the first examples of this rule was tyrosine, to which either 
of the following formulae might apply : 

OC2H4NII2 

COOll 

(I) 





OH 

C2H3{NH2)C001I 
( 11 ) 


The first fcu-mula represents tyrosine as a derivati^^e of oxybenzoic 
acid, tiic second as a phenol. The absorption sj)cctrLim bore no re¬ 
semblance to that of p-oxybenzoic acid, but it did resemble that of 
phenol. So Hartl(‘y assumed the second formula to be corrccd. 

A sec^oiid example is afforded by isatin, for which the following 
forrnulai have been suggested : 


CO 

/ \ 

C(OH) 

\ / 

N 

([) (Lactim). 


CO 

/ \ 

Cell* CO 

\ / 

NH 

(IT) (Lactam). 


Hartley found that the introduction of a methyl or ethyl group into 
a molecule does not markedly affect its absorption spectrum. Thus 
benzoic acid, ('gH;,COOn, and methyl benzemte, CfilJgCOOCHa, give 
practically identical absorption spectra. Two isomeric methyl deriva¬ 
tives of isatin are known, namely 


CO 

CO 

/ \ 

/ \ 

;* eXOCHo) and 

CeH* ( 

\ / 

\ / 

N 

N 

1 


1 

CII 3 

( 1 ) 

( 11 ) 


Examination of the absorption spectra of these derivatives showed 
very definitely that the second derivative resembled the ])arent sub¬ 
stance in structure. Isatin is thus a lactam, and its constitution is 
represented by formula ( 11 ). 

In a similar manner carbostyril and o-oxycarbanil have been 
shown to possess the lactam structure. Thus 

CH=-CH ® 


Cell* 



Nil-CO 


Cell* 


CO 


NH 


Carbostyril. 


o-Oxycarbanil. 


When converted to its sodium salt, colourless p-nitrophenol under¬ 
goes a marked change in colour, becoming deep yellow. This is 
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generally regarded as indicating a change in constitution, a quinonoid 
structure being ascribed to the sodium salt; thus 


OH 

I 



NOj 


jp-Nitrophenol 

(Colourless). 


O 



NO.ONa 

Sodium p-iiitrophenato 
(Deep yellow). 


From p-nitro])hcnol two isomeric ethers arc obtainable ; the one is 
yellow, labile or unstable, and readily transforms into the colourless, 
stable isomer. To the former, tlicrefore, the quinonoid structure is 
assigned, and the colourless isomer is presuiiK^d to have tlie same 
structure as the free j)-nitrophenol. Thus 


OC,H, 



NO 2 


Colourless, 
stable isomer. 


U 



NO.OCjjHg 
Coloured, 
unstable isomer. 


This is known as chromo-isomerism. 

It is well known that, in acid solution, phenolphthalein is colour¬ 
less, whereas in alkaline solution it possesses a beaut iful red colour. 
It is extensively used as an indicator in volunudric analysis (see Vol. 11). 
Ill the presence of exeess of sodium hydroxide the colour \'atiishcs. 
These colour changes indicate the following variations in the structure 
of phenolphthalein (Stieglitz, 1903): 


CO 


C.H. 


\, 


With 

NaOH 


COONa 


\ 


C.H. 


\ Ac.h,oh 

^ \ 

\CflH 4 OH 

Colourless phenol¬ 
phthalein. 


,/ 

\c^C.H,=0 

\3,H,OH 


Coloured sodium 
salt. 


With excess 
NaOH 


COONa 


C.H. 


\ /OH 
Cf-CeH 40 Na 
\CeH4ONa 


Colourless trisodinm 
salt. 


It was discovered by Meyer and Marx (1907) that by treating the 
silver salt of phenolphthalein with ethyl iodide a deep yellow diethyl 
ester is at first produced, which is very unstable and readily yields a 
colourless, stable ester. Simple recrystallisation of the unstable form 
suffices to effect the change, which may be represented as follows : 


^COOC^Hs 

Colonred, labile isomer. 


CO 


O 

\c^'c,H40c,h, 

XI^HjOC^H, 

Colourless, stable ester. 
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Absokption of X-Rays. 

If X-rays arc allowed to fall normally on to a slab of any material, 
the fraction of the rays absorbed by that slab gives a measure of the 
opacity of the material. In order to compare the o])acities of different 
substances it is necessary to have some standard of reference. This 
is termed the specific opacity, and refers to the fraction of the X-rays 
absorbed when they fall normally on to the base of a right cylinder, 
1 square centimetre in base area and of mass 10 grammes. The specific 
opacity of an element for X-rays of a definite quality is independent of 
its state of aggregation and of the temperature ; it is also independent 
of whether the element is free or in combination, so that the specific 
opacity of a compound may be calculated from the opacities of its 
constituent elements. 

The equivalent transparency of a substance is the mass in deci¬ 
grams of a right cylinder, the area of whose base is 1 square centimetre, 
which produces, when X-rays are passed through it parallel to its axis, 
the same absorj^tion as a cylinder of paraffin wax, 75 millimetres high 
and 1 square centimetre in eross-scctioii. If masses ?7?j, y/tg, etc. 
of elements of equivalent transpareneies e^, Cg, e^, etc. are present in a 
total mass M of a substance of equivalent transparency E, then 

M nil 

E €i ^2 ^3 

Benoist (1897 to 1901) observed that for X-rays of one definite quality 
the speehic opacities of elements increase in a regular manner with the 
atomic? weiglit. This is conveniently indicated by plotting the equiva¬ 
lent transj[)arciicies of the elements against their atomic weights. The 
points lie on a smooth curve, such as shown in fig. 181, Curve 1, and 
the curve is somewhat similar to a hyperbola (Curve Ill), which is the 
gra})hical representation of the connection between specific heat and 
atomic weight. 

Each quality of X-ray, however, yields its own parti(?ular curvx. 
Thus in fig. 181, Curve I refers to rays of medium “ hardness,” or 
penetrating powder, whereas Curve II refers to soft rays, that is rays 
I)ossessing less penetrating power. 

In seeking the atomic weight of an element by the X-ray method, 
each j)ossible multiple of the combining weight is independently 
assumed, the elements which would immediately precede and follow 
it on the curve noted in each case, and the transparencies of each of 
these elements and of the element under investigation determined for 
a particular quality of X-rays, or, better, for two decidedly different 
qualities. The results are superior to those based upon specfific heats, 
in that they are neither influenced by the temperature nor the physical 
condition of the element, and thus are applicable to gaseous elements. 
The method has been applied both to indium and cerium, which 
elements at the times of their discovery presented considerable difficulty 
to chemists. Both metallic indium and its aeetylacetonate have been 
examined, and the results clearly indicate an atomic weight of approxi¬ 
mately 115. The element is thus trivalent (see p. 222). Similarly 
cerium in its cerous salts has been shown to be trivalent, thorium 
tetravalent and beryllium divalent. For a further consideration of 
X-rays the reader is referred to Volume II. 
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so 100 ISO 200 2S0 

Atomic Vi/eight 


Fia. 131.—Bcnoist’s X-ray Transparency Curves. 


Litminescence. 

When a substance emits light from one cause or another it is said 
to be luminous or to luminesce (Latin lumen, light; escere, of inceptive 
verbs). Several different kinds of luminescence are recognised. The 
term phosphorescence (Greek phos, light; phero, I bear) is used 
widely to include the emission of light unaccompanied by any appreci¬ 
able heat evolution. Sometimes phosphorescence is purely a physical 
phenomenon, as, for example, the phosphorescence shown when certain 
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rare earths are subjected to the bombardment of cathode rays (p. 289). 
Tlie eff(?et persists aft(*r the removal of the exciting influence. On the 
other haiui ])hos])hor(‘S(*enec may be the result of chemical action, 
as, for example, tlu‘ luminosity of ])lu>s])horus and of many other 
substances at tempca'atiiiHs n(‘ar their ignition points. This type of 
})hosp]ioreseenee is frequently termed chemiluminescence (}>. 318). 
A })artieular type of lumines(?enec which appears only whilst the exciting 
influence is acting is termed fluorescence. That ])roduced by the 
mechanical breakdown of crystalline structures is known as tri- 
boluminescence (p. 313). 

Fluorescence. —Wlien examined by rellected light many substances 
show a ])cculiar surface colour which is distinct from that due to 
ordinary absorj)tion of light. When gently warmed, the mineral 
fluorspar, CaFj^, po[>ularly known as “ Blue John,” becomes luminous, 
an observation that gave rise to the term ” Huoresecnt ” [the mineral 
received its name from its use as a Ilux (Latin //um.’, to flow), not from 
its optical properties]. 

As soon as the exciting inlluenee is withdrawn fluoreseetice ceases, 
a pro])crty whi(‘h enabh^s it to be distinguished from phos}>horescence. 
As in the ease of absorption, fluorescence is not confined to the visible 
))ortiou of the spectrum ; it lias been observed in the ultra-violet 
ix'gion also. 

Not every incident ray can jiroduce fluorescence in a substance, for 
if a beam of sunlight is directed through two vessels containing the 
same fluoresecMit li(piid, the second v^essel does not lluoresee, the first 
one having absorbed the (‘xciting rays from the beam. To produce 
fluorescence the incident light must fall on an absorption band ; that 
is, it must itself be absorbed and its energy emitted again in waves of 
different length. 

On allowing a beam of light to fall on to an acidified solution of 
cpiinine sulphate, a blue lluoreseence is emitted at the point of incidence, 
and blue light is emitted from the j)ath of the beam inside the solution, 
clearly \'isible in a darkened room. The intensity of the fluorescence 
decreases with the thickness of the solution traversed and, if the 
solution is suflicicnlly tliick, the fluorescence fades away within it. 
The whole of the exciting rays in the original beam have then been 
absorbed and their eiu*rgy emitted again as lluoreseence. 

Fluorspar lluoresces with a blue light like sulphate of cpiinine, 
chlorophyll with a red light, fluorescein and uranium glass with a green 
light, and so on. 

Some years ago it was thought that the wavelengths of fluorescent 
light were always greater than those of the exciting luminosity, and this 
was known as Stokes’ Rule (1852). But this rule is not universal, 
eosin and fluorescein constituting exc^eptions. 

The fluorescence of a solute may be greatly influenced by the nature 
of the solvent; not only may the (colour vary, but the fluorescence 
may disappear altogether in some solvents. Chemical combination of 
the solute with the solvent, ionisation, or some particular physical 
property of the solvent, such as selectiva^ absorption of the incident 
exciting light waves, may account for these differences. 

Fluorescence is closely connected with chemical constitution, and 
ceilain groups termed fluorophores (IL Meyer, 1897) are usually 
associated with it. A few such groups are : 
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-c: c- 


Oocurrhig in the anthracene 
scries. 


C C— Occurring in the acridine 

II 11 series. 


-A- 

ii II 

C’ f- 

\A 


Occurring in derivatives of 
jluoresce'in. 


Many other lluoro])hores are known, but these will sufhee to illus¬ 
trate their general nature. The presence of a lluorophorc do(ss not 
necessarily impl}’^ Huorcseencc any more than the j)resence of a ehromo- 
phore necessitates colour. Tims y-})yroiie is not fluorescent, although 
fluorescence ai)pears if the moleciilc is loaded with dense atomic groups 
such as benzene nuclei. For example : 


nc 

CH 



II 

II 

11 

II 

lie 

CH 

IR: 

I'll 


Xr/ 


O 

y-Pyrone. 

Non-fluoroscent. 


Diphen y Ipy rone. 
Fluorescent in concentrated 
sulphuric acid. 


Ill this connection it is interesting to compare : 

HO-/A^AVoJI no- a 


OH no- 

and 


I 

o 

Fluorescein. 
Green Huorescence in 
alkaline solution. 


Phenolphthalein. 

Non^fluoresoent. 
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It will be noted that the phenolphthalein does not contain the fluoro- 
phore with the bridge oxygen. 

Substitution of hydrogen by various groups may remove fluores(*ence 
entirely. The most active group in tliis respect is the NO 2 group, 
which is particularly inimicable to fluorescence. Other groups, in the 
order of weakening inimieal)ility, are : 

N02>I>Br>Cl>0II. 

As an example we may take 



As might be expected, the position occupied by the substituted group 
within the molecule is very important also. 

Triboluminescence.— VVhen two pieces of sugar are rubbed to¬ 
gether in the dark, light is emitted, in consequence of the breaking 
down of the crystals. This-is termed tribolumincscence (Greek trihOy 
I rub). When a trace of a radioactive substance is brought near to a 
screen of zinc sulpliide, the latter appears, if examined through a lens, 
to be illumined with a large number of minute sjjots of light wdiich 
come and disappear in ilaslies (see Vol. II). This is the ])rinciple of 
the spinthariscope (Greek spiniher, a spark ; skopein, to see). The 
spots of light arc caused by impacts of a-particles from tJie radioactive 
matter striking the crystals of zinc sidphide in the screen, causing them 
to break down and emit some of their energy as light waves. C rystals 
of uranyl nitrate emit Hashes of light 'when mechanically shaken or 
crushed. 

Chemiluminescence is the term applied to the luminosity produced 
at atmospheric temperature as the result of chemical action, the 
liberated energy of the reaction appearing as light, without appre(*iable 
heat. The luminosity of phosphorus, of many fungi, of the glow -worm, 
etc. arc w^ell-know^i examples. 

The luminous organs of insects represent one of the most efiicient 
sources of light in so far as the human eye is concerned, as almost all 
the energy is concentrated in a narrow band in that part of the 
spectrum towards which the eye is most sensitive. In the fire-lly the 
band covers 5230 to 6550 A. For the glow^-worin the band is only 
half as broad, namely 5290 to 5860 A. 

If to a solution of strontium chloride contained in a tall gas jar 
some dilute sulphuric acid is added, a w^hite precipitate of strontium 
sulphate is immediately obtained. When the experiment is carried out 
in a dark room the precipitation is seen to be accompanied by very 
considerable luminosity. This was first observed by Davy, c. 1798. 

A striking example of chemiluminescence is afforded by o-amino- 
phthalic cyclic hydrazide, a yellow crystalline powder, when oxidised 
m alkaline solution (Albrecht, 1928). The maximum effect is obtained 
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when a mixture of hydrogen peroxide and potassium ferricyanide (or 
hypochlorite) is us(‘d as oxidiser. To an alkaline solution of the 
hydra/ide a little hydrogen })eroxide is added and the mixture poured 
dropwise into an alkaline solution of the ferricyanide. Piaeh drop pro¬ 
duces a brilliant bluish-white luminous pearl. The chemical changes 
involved are complex, but the initial and linal substances are 


-CO.NH 

I 

/-OO.NH 

0 -A miiiophthalic 
cyclic hydrazide. 


NH, 


-COOK 

-^COOH 

o-AminopIithalic 

acid. 


Phosphorescence, which is the result of slow- combustion in air, 
is dealt with later (see Vol. 11). 


The Dielectkk: Consiant. 

Let C be the capacity of a condenser formed by two conducting 
plates placed parallel to one another in vacuo, and the (‘apacity wdien 
the plates are separated by an insulator such, for example, as parallin 
wax. Then the specilie inductive capacity or the dielectric constant, 
€, of the parallin w ax is given by 



The dielectric constant of air is very nearly unit>^, and lht‘ dielectric 
constants of substances are fr(‘(piently expressed relative to air taken 
as unity. The constants of a few' typical substances using w^’es of 
low frequency are as follows : 


Solids at Room 
Temperature. 

4'. 

Gases under Atmo¬ 
spheric Pressure, 

?,~QO , 

Tempera¬ 

ture, 

"C. 


Calcite 

7-6 

Air . 

0 

1 -000586 

Fluorite 

6*8 

>> • • • 

20 

1 000576 

Gypsum 

6 3 

Hydrogen . 

20 

I -000273 

Ice(-2"C.) 

030 

Nitrogen . 

20 

1-000581 

Rock salt . 

5-6 

Carbon dioxide . | 

0 

1-000085 

Selenium (16" C.) 

61 




Sulphur 

40 

For Licpjids see Table, p 

. 315. 


In general the dielectric constant falls with rise of temperature in 
accordance with the equation 

€i =e(l - at) 

a being the temperature coelticient, which usually is very small. 

Maxwell’s Law. —According to Maxwell’s theory, if u is the 
velocity of electromagnetic waves in air, 
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where /x is the permeability. For any otlier medium 



For substanees transparent to light jjl is almost unity, so that 



But the refraetive index, n, of a transparent substance relative to air 
is given by the ratio and c, as mentioned in the preceding section, 
is unity, so that 

n = \ cj or 


That is, 


the dielectric constmii of a transparent substance is equal to the square 
of the refractive index. 

This is Maxwell’s Law. It is not easy to test this law directly by 
experiment, for n changes with the wavelength, and it is obvious that 
the wavelength chosen should be that used in determining e. But 
here comes a dilTieulty ; 7i (*an be determined only for comparatively 
short wavekmgths, and c for large' ones, so that n for large wavelengths 
must be c*aleulated by extra])olation, as, for example, with the aid 
of Cauchy’s formula. For such data as are available, Maxwell’s 
Law is found to hold fairly satisfactorily. For some substances the 
square of the refraetive index, even foi* the sodium D line, closely 
ap])roaehes the numerical value for the dielectric constant, as shown 
in the following table. AVater and the alcohols show marked dis¬ 
crepancies, but as the wavelength for which the dielectric constant of 
water is determined is reduced, the two values steadily a])proach each 
other, indicating that for identical wavelengths Maxwell’s Law would 
hold. 


Substance. 

e. 

n 

(D line). 

?i*. 

Benzene ..... 

2-29 

1*50 

2*25 

Carbon disulphide 

2 62 

1-63 

266 

Carbon tetrac^hloride 

2-25 

1*46 

213 

Cliloroform .... 

5*2 

1-45 

2*10 

Water 


1 33 

1*77 

A = QO . 

81 0 

,, 

.. 

A-1200 cm. 

2-79 

, . 

. . 

Methyl alcohol 

35*4 

1 33 

1*77 

Ethyl alcohol .... 

26-8 

1*36 

1*85 
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The connection between the density of a substance and its dielectric 
constant is given by the Clausius-Mossotti Formula : 


e-1 

d(€+2) 


constant. 


This formula has been tested (Tangl, 1008) up to 100 atmospheres 
with air, nitrogen and hydrogen, and has proved trustworthy. 

As we shall see later, the dielectric })roperties oT liipiid solvents 
have an important bearing on the extent of association or dissociation 
(see Vol. II) of solutes dissolved in them. 


Refractive Power. 

When light passes from one isotropic (Greek isos, equal; tropos, 
direction) medium to another, its velocity is altered and its rays are 
bent out of their course or refracted (Latin frangere, to break), as we 
say. If and are the velocities of a monochromatic light in two 
media, the ratio Uiju^ gives the refractive index, n, of the second 
medium with reference to the first. If i is the angle of incidence and 
r the angle of refraction, then 

sin i 

sin r U 2 

This is Snell’s Law, 1621. 

Refractive indices are usually expressed relative to air as unitj% 
and when accurate data are re(|uired, the wavelength of the light used 
should be stated, since the velocity of light in space occaipied by 
matter varies with the wavelength. Thus uu refei:s to the refractive 
index of a substance wdth reference to air, monochromatic sodium I) 
light being used ; a and y lines of the hydrogen spectrum are also 
used largely. 

Determination of the refractive index of a substance is frequently 
a convenient method of cheeking its composition or purit)^ The 
density of sea water, for example, may be calculated with a fair degree 
of accuracy from the refractive index which, at constant temperature, 
is directly proportional to the density at 0° C. • In other words, 

n/ -nt=-k{dQ -do) 

where n/ and Uf arc the refractive indices of sea water and distilled 
w’ater respectively at C., d^' and d^ the densities at 0® C., and k is a 
constant depending on the temperature (Vaurabourg, 1921). Refrac¬ 
tive index measurements may also be applied to the analysis of liquid 
mixtures such as acetone-chloroform. 

The rate of diffusion of a solute in a solvent can be followed by noting 
the change in refractive index at stated intervals (p. 381). The method 
is particularly valuable for this kind of experiment, as it does not involve 
any mechanical disturbance of the system under examination. 

The refractive index affords a valuable indication of the purity of 
certain oils, notably linseed oil, for which ud at 15° C. is approximately 
1*480. This value is lowered by the presence of free organic acids and 
most animal and vegetable oils. Mineral oils and rosin oil raise the 
value, as do also polymerisation and oxidation. A determination of 
tH^efractive index constitutes one of the tests applied commercially 
to linseed oil. 
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The refraetix e indices of a few typical substances arc js^iven in the 
following table : 

Refractive Indices. 

With reference to air at 15° C. for the sodium D line. 


Substance. 

n. 

Substance. 

n 

(Mean Value), 

lee 

1-81 

Ihirallin oil . 

1-44 

(ilass, Crown . 

1-5] 

Olive oil 

1-40 

Diamond 

2'42 

Rape seed oil 
Turpentine 

1 -47 



1 47 

\Vat(‘r . 

1 888 

Cotton se(‘d oil 

1-48 

Kthyl al(H)hol 

i 802 

Cod liver oil . 

1-48 

(’arl)on disulphide . 

1-082 

Linseed oil 

1-48 

Benzene 

1-504 

China wood oil 

1-51 



Rosin oil 

1-51 



Cedar oil 

1-510 


It will be observed that cedar oil has a high refractive index, closely 
similar to that ol‘ an average crown glass. For this reason it is used in 
microseoj)ical work. 

The refractive index varies with the physical condition of the 
substance, the most important factor Ixdng the density, r/. In 1858 
Gladstone and Dale establislied the following formula empirically : 

.7“Constant —r 

a 

In 1880, however, a theoretical formula was deduced simultaneously 
and indej)endently by Lorentz of Leyden and Lorenz of Copenhagen, 
namely : 

—^^ - constant 
+2)d 

r and li are known as the specific refractive power or refractivity, 
as given by the n and ex[)ressions respecdively. Both r and R are 
praeticrallv^ independent of the temperature. Thus, tlu‘ \'alu(‘ of R for 
water at 20° C. is 0-2001, and at 90° V. it is 0-2059. The j^roduct of 
these constants and the molecular weight gives the molecular refractive 
powers or refractivities. 

The molecular refraction is partly additive and jiartly constitutive, 
so that isomcrides may have closely similar, but not identical, values. 
This is shown by the following data for two pairs of isomers with 
reference to the H« line : 



Mlia. 

Ethylene dichloride, CHaCl.CIIgCl 

. 20-95 

Ethylidene chloride, CHClg-CIIg. 

. 21-08 

Aniline, CellgNU, .... 

. 80-27 

Methylpyridine, CgHgN.CHg 

. 28-66 
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When the molecular refractions of successive members of homologous 
series of hydrocarbons are examined, it is observed that the differenc^es 
corresponding to successive additions of dig groups in the molecules 
are nearly c*onstant, the mean of a large number of values being 4*598 
for the Hrt line, using the 71 ^ forimila. Subtracting the xalue for 
wCTlg from tlie molecular refraction of the hydrocarbon C'^11 2^,12 
the value for two hydrogen atoms. The best mean value is 2*184, 
from which the atomic refraction of hydrogen is 1 *092, and of carbon 
is 4*598-2*184 or 2*414. In a similar manner the atomic refractions, 
ARj of other elements can be deducted, as wt*ll as the effects due to 
double and trijde bonds. The effect of ring formation is usually so 
small as to be negligible. The data in the aeeornpanying table are 
illustrative : 


Atomic and Structural Refractions for H,t and Nan Lines 

(a- formula). 



ARa. 

ARu. 


AR... 

ARu. 

CHa .... 

4-598 

4-018 

Cl ... . 

5-933 

5-967 

C . . . . 

2-414 

2-418 

Br . . . . 

8-803 

8-H05 

H . . . . 

1 092 

IKK) 

I . . . . 

13-757 

13-9(M) 

0 —(k(‘tonic) 

2-189 

2-2JI 

N" (in primary amines). 

2-309 

2-322 

0<(ethcric) . 

1-089 

1-043 

N ‘ (in secondary aminos) 

2-475 

2-199 

0 - (cnolic) , 

1-522 

1-525 

N (in tertiary amines) 

2-807 

2-840 

S (in mercaptans) . 

7-63 

7-09 

N (in nitriles) 

3-054 

3-070 

S (in sulphulc^s) 

7-85 

7-97 

Double boml 

1-086 

1-733 

S (in disnlphide.s) . 

8-05 

8-11 

Triple bond . .. 

2-328 

2-398 

8 (in thioc-yanates) 

7-85 

7-91 





By way of illustration let us take acetic acid, CII3COOH. 

2C , . . . . 4*828 

411 .... 4*868 

O- . . . . 2*189 

O- .... 1*522 


Mila == 12*907 

The observ^ed value is 12*98. 

Ethyl aeetoacctatc can, as we have already seen ([). 208), exist in 
two isomeric forms, and it is of interest to compare the observed mole¬ 
cular refraction wdth the values calculated for these two forms, viz, : 


CH..C!O.CH,.CO.OC.H., 

CH,.0(0H): UH.CO.OC,H,, 


Ketonic form. 

Enolic form. 


6C 

. 14*484 

oc . . . 

14*484 

loll 

. 10*92 

1011 . 

10*92 

20 = 

. 4*878 

0 = . . . 

2*189 

o< 

. 1 *689 

0- . . . 

1-522 



0< . 

1-689 


MR„ =31-421 

Double boutl 

1-686 



II 

82*440 
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The observed value, 31*89, lies intermediate between these two ealcu- 
lated values, suggesting that at the ordinary temperature the liquid 
consists of a mixture of the two isotn(‘rs. This conclusion is interesting 
in view of the results obtained for the magnetics rotation (p. 326). 

In a similar manner it })as been shown that pyruvic acid has the 
ketonic structure CII3CO.COOH, and so has diacctyl, ClIgCO.CXICHg. 

Optical Anomalies. —The introduc^tion of a second unsaturated 
group into a molecule already containing one such group will cause 
one of three things to happen : It may cause the observed molecular 
refraction to rise above the calculated value, in which case it induces 
optical exaltation ; it may cause the refraction to fall, producing 
optical depression ; and, finnlly, it may produce no appreciable 
effect beyond that calculated. In the last-named case the unsaturated 
groups are regarded as isolated ; in the two former cases they are 
said to be conjugated. 

Consider, for example, the two isomeric unsaturated hydrocarbons 
diallyl and u'odiallyl, of cm])irical formula CgH^Q. 

Dialhjl, CH2--CH -CII2~ CII2- CH=-CH2. 

3//^a observed - 28*77 
M Ra calculated ^ 28*78 

- 0*01 


Uodiallyl, ( II3 Cil - Cn-~(TI---(‘1I CH3. 

MRa observed =29*87 
3/i?a calculated =28*78 

A=- 1*09 

The molecular refraction of diallyl, in which the double bonds are 
some distance apart, is normal ; that of iiVodiallyl is a unit higher 
than theory demands. In this latter case the double bonds are con¬ 
jugated, and optical exaltation is usual in such systems when the 
molecules are open chains. Some ring compounds containing con¬ 
jugated groups, however, do not show this anomaly, notably benzene 
and toluene, and are optically normal ; others, such as fiiran and 
thiophen and, to a less extent, pyrrole, exhibit optical depression. 
Thus : 


Jii?„ MR, 

Observed. Calculated. 


Benzene, 

yCll = 

me 

=CII\ 

>CII 

25*93 

2609 


^CH- 

-CH<^ 



Toluene, 

C.HsCIIa 


30*79 

30-69 

Furan, 

CH=CH>, 

>0 

18*42 

19-04 


CH=CH/ 
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MMa 

MRa 


Olm>vvvd. 

Calculated. 

Pyrrole, 

ClI -Clfv 



1 >NII 2075 

20*9(3 


ClI CIV 


Thioplien, 

CIl=CIL 

1 ^ 24-14 

CH=CH/ 

25*25 


Dispkrsivf. Powkr. 



The refractive index of a substance varies, as we have seen, with 
the nature of the incident li^ht. The difference in refractivity for tw^o 
waV’Clen^ths, say, for example, for tlie 11^ and lines, is termed the 
dispersive power or dispersivity ovh r the ran^e of wavelength 
examined (sometimes the range chosen is that between the sodium 
and lithium lines). Employing the n formula and denoting the specific 
refraetivities for the and lly lines by and respectively, the 
specific dispersivity of a substance is given by : 

- 1 - 1 riy - 

Multiplication by the molecular weight gives the molecular disper¬ 
sivity of the substance. 

Similarly, employing the formula : 

~ I 

" “ (ny2^.2)d \nj^2)(r 

Dispersivity is both additive and constitutive, but pre-eminently 
constitutive, being very sensitive to changes in structure. Since dis¬ 
persivity is a differential effect, it is less influenced by the presence of 
impurities than refractivity, since the impurity affects the two refrac¬ 
tive indices by closely similar amounts which tend to cancel each other 
out. Atomic and structural constants for dispersivity have been c«al- 
culatcd by Briihl (1891) and Eisenlohr (1912)'in an analogous manner 
to the refraetivities already given. 

Tue Raman PiFFECx. 

In 1928 Raman observed that on passing monochromatic* light 
through a carefully purified substance such as benzene, and examining 
the beam, at right angles to its path, through a spectroscope, new lines 
appear on both sides of the main line of incident light. All transparent 
media behave similarly, whether solid, liquid or gaseous ; the diffused 
radiation is not monochromatic. 

The new lines are due to a change in frequency imposed on some of 
the incident light scattered by the molecules on which it falls. The 
change is connected with the vibration and structure of the molecules, 
the difference between the frequency of a Raman line and of the exciting 
radiation being equal to the frequency of an infra-red absorption or the 
difference between the frequencies of two such absorptions. For a full 
explanation of this the reader is referred to Volume II. 

The Raman effect differs in several ways from fluorescence. Thus, 
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the frequencies of the fluorescent spectrum are independent of those 
of the exciting rays ; also the intensities of the Raman lines are of an 
entirely different order of magnitude, being much more faint; further, 
many Raman lines are strongly polarised. 

The explanation of the Raman effect has probably not yet l>een 
given in its final form. A close connection, however, has been observed 
between it and such factors as chemical constitution, ionisation, etc. 
For example, the introduction of a double bond into a molecule is 
accompanied by a change in the Raman lines. The subject is as yet 
in its infancy, but promises to throw new and valuable light on the 
modes of vibration and chemical constitution of the iriolecule. 


Optica l A cn vity . 

As has already been explaiiu'd (p. 281), ordinary light is believ’^ed 
to consist of electromagnetic waves in the cth(‘r of space. Its vibra¬ 
tions are presumed to occur evenly distributed in all directions in a 
plane at right angles to the direction of transmission of the light. A 
variety of calcium carbonate found in Iceland, and hence called Iceland 
spar, ]X)ss(‘sses different ]>hysical j)roperties in different directions. 
It is therefore termed aeolotropic (Greek aiolos, (*hangcful ; tropos, 
direction) or anisotropic (Greek n, not; /.vo.v, equal). Ic(*land spar 
crystallises in various forms, but the crystals readily split along what 
arc called cleavage planes, which are inclined to (‘ach other at fixed 
angles. By cleavage, therefore, crystals of the same kind can always 
be obtained. They are rhombohedra (fig. 7S, ]>. 177), bounded by 
six })arallelograms. Now if a beam of light falls normally on one of 
the facies of such a crystal, part of it will ])ass straight through, just as 
if it impinged on water or any other isotro})ie medium. This is termed 
the ordinanj beam. But ])art of the light will travel in a slightly 
different direction. This is the extra-ordinary beam. The original 
beam has thus been split into two, as a result of the refractive indices 
for the ordinary and extra-ordinary rays being different, and an object 
viewed through Iceland spar thus appears to be doubled, hence the 
term doubly refractive as applied to this mineral. 

This phenomenon of double refraction was first observed by Erasmus 
Bartholinus in 1669. It is not peculiar to Iceland spar, but occurs 
with all crystals, other than those belonging to the cubic system, to a 
greater or less extent; but the phenomenon is more pronounced in 
Iceland spar than in other common minerals. 

The two beams are not alike; each has been polarised ; that is, the 
vibrations are not evenly distributed around the axes of the rays com¬ 
posing the beam. The rays are plane-polarised, those in the one beam 
vibrating in one plane which, however, is at right angles to the plane in 
which the vibrations of the rays of light in the other beam are taking place. 

It will be evident that a crystal of Iceland spar can be cut and 
treated artificially in such a manner that only one of the beams can 
pass through, the other beam being totally internally reflected. The 
arrangement thus obtained is known as a Nicol prism, after its 
inventor, William Nicol of Edinburgh (1758 to 1851), the extra-ordinary 
beam being the one transmitted. 

If, now, the transmitted light is viewed through a second Nicol 
prism fixed in a precisely similar position to the first, the light will 

VOL. I. 21 
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pass through this second prism unaltered. If, however, the second 
prism is rotated round its axis, the intensity of the emergent beam 
steadily falls until, when the angle of rotation is 90°, the field becomes 
dark. The plane of the second prism is now at right angles to that of 
the first, and the incident light is totally internally reflected. 

The position is perhaps most easily appreciated by considering the 
mechanical illustration first suggested by Stewart. I^et the IS^icol 
prism be represented l)y a book lying flat on the table. We may 
resolve the light vibrations into two components at right angles to 
each other. Let these components be represented by two flat rules, 
one (A, fig. 132) parallel to the leaves of the book, the other (B) at 
right angles to them. Clearly A will pass through the book easily ; 
B will not. The light, then, which passes through the Nicol prism 
represents the component vibrations in one plane ; in other words, the 
light is plane-polarised. If, now, a second Nicol prism is placed in 



Fig. 132.—Stewart’s Mechanical Illustration of Action of Nicol Prisms. 


front of the first, the polarised light will pass through it if the position 
of the second prism resembles that of the second book in the figure. 
But if the prism is rotated through 90° it will exclude the polarised 
light, just as the first book excludes B. 

The second prism is called the analyser; the first, the polariser. 

Leaving, now, our mechanical illustration, which has served its 
purpose, experiment shows that certain substaju^cs are (*apab]e of 
rotating the plane of polarisation of light. Such substances are said 
to be optically active. Some substances manifest ojitical activity only 
in the solid, crystalline state ; when fused or dissolved in some sol¬ 
vent, the activity disappears. Other substances may displa}’^ activity 
both in crystal and liquid form, and in solution. 

If, now, an optically active solution is ])laced between “ crossed ” 
Nicols, the plane of polarisation of the light transmitted by the polariser 
is rotated to a certain extent, so that on entering the analyser it is not 
at right angles to it, and some of the light is transmitted. In order 
to cut off that light, the analyser must be rotated again, and this angle 
of rotation gives the angle through which the plane of polarisation of 
the light has been rotated by the active solution. If the analyser is 
turned to the right, that is, in a clockwise direction, the active sub¬ 
stance is said to be dextro-rotatory ; if to the left, laevo-rotatory. 

An instrument comprising two Nicol prisms, together with facilities 
for measuring the optical activity of a substance, is called a polarimeter. 

The angle of rotation, a, depends on a variety of factors, namely : 

(i) The nature of the substance examined. 

(ii) The thickness, Z, of the layer through which the light is 

transmitted. 

(iii) The density, d, of the substance, when examined in the pure 

condition, or the concentration, c, when examined in solution. 

(iv) The temperature. 

(v) The wavelength of the light employed. 

Monochromatic light, such as the sodium D line, is frequently used^ 
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In the case of a pure liquid the specific rotatory power, [a]i), at any 
temperature, C., with respect to the D line, is given by the formula 




where a is the observed angle of rotation, I, the length of the liquid 
column, is measured in decimetres, and d is the density. The corre¬ 
sponding formula for a solution is 


[a]/.- 


Ic 


c being expressed in grammes per cubic centimetre of solution. 

molecular rotation, [il/], is given by 


fil/V 

100 ' 


The 


In the case of cane sugar, [ajn is almost independent of the tem¬ 
perature, and since the observed angle of rotation is directly proportional 
to the concentration of the sugar, polarimetric methods of determining 
the amounts of sugar in solution are used in commerce and in medicine. 
The method is known as saccharimetry (Greek sakkharon, sugar). 

The connection between chemical constitution and the optical 
activity of organic compounds has already been dealt with in Chapter XI, 
It is a molecular property, which persists even when the compound is 
in a state of fusion or in solution. It aris(‘s from the presence within 
the molecule of one or more asymmetric atoms. 

Another kind of optical activity, however, is known, which is a 
property of the crystal rather than of the molecule; it depends upon 
the way in which the molecules are built up in the crystal. Quartz 
affords an excellent example and has already been dealt with (p. 176). 


Magnetic Rotation. 

In 1845 Faraday observed that when a beam of polarised light 
traverses a transparent substance placed between the poles of an 
electromagnet in such a maimer that the light travels in the direction 
of the lines of force, the plane of polarisation of the light is rotated. 
The angle of rotation, co, is proportional to the length, 1, of the medium 
traversed and the strength, //, of the magnetic field. Whence : 

The constant ^ is known as Verdet’s Constant, and varies with the 
nature of the medium, the temperature, and the wavelength of the 
light employed. If I and H are each unity, Verdet’s constant represents 
the rotation produced by unit length of the substance when placed 
in a magnetic field of unit strength. The effect of temperature is 
small, rise of temperature generally diminishing the rotation, and 
is approximately proportional to 1/A*. Usually the sodium D line is 
employed. <f> is positive if the plane of polarisation is rotated clock¬ 
wise when the light is travelling in the direction of the lines of force, 
that is, from N to S. 

In order to investigate the connection between magnetic rotation 
and chemical constitution it is not necessary to employ absolute units. 
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Perkin, whose classical researches on the subject were begun in 1882, 
used w^ater as his standard. By employing the same apparatus 
throughout, under constant conditions, no correction is necessary for 
the length of tube used, or for the temperature or the wavelength of 
the light. In order to compare the effect of e(pial masses of different 
li(|uids, the observed rotation must be divided by the density. Thus, 
if with a given apparatus and magnetic field the angle of rotation 
observed with water is a„., and that with a given liquid is a^, the 
relative rotation, a, of the liquid, is given by 


U, - - . 

U.,/? 

Taking the density of water as unity and denoting that of the Ii(juid 
by d, the relative specific magnetic rotation, r, is given by 


r 


a 


If 31 is the molecular 
rotation is given by 


weight, the relative 

3Ia _ 31a 
md ~18d 


molecular magnetic 


r.M 


where m. is the molecular weight of water. 

If the absolute molecular magnetic rotation, /i’m, of a substance 
is required, it is only necessary to multif)]y the preceding equation by 
the absolute value for water, namely 0-()1812 at 20'' C. Thus 


^ ()01812Ma 


minutes. 


Magnetic rotation is largely constitutive, but it is also in p*art 
additive. The constitutive properties are well shown by the study 
of isomers. Optical isomers yield practically identical results for their 
active and inactive forms. Structural isomers show differences that 
increase as the constitutions diverge. Geometrical isomers give high 
values for the fumaroid structure. These points arc w^ell illustrated 
in the following table : 


Molecular Magnetic Rotations. 


Ethyl d-tartrate, (CHOII)2(COOEt)2 . 
Ethyl d/-tartrate, „ 

fM. 

. 8*766 

. 8*759 

Pentane, CH3.CH2.CH2.CH2.CH3 
/6‘opentane, (CH3)2CH.CH2.CH3 

. 5*638 

. 5*750 

Acetaldehyde, CH3CHO . . , . 

Ethylene oxide, (CH2)20 . . . . 

. 2*385 

. 1*935 

Ethyl fumarate, EtOOC.CH 

. 10*112 

11 

HC.COOEt 

Ethyl maleate, HC.COOEt 

. 9*625 


II 


HC.COOEt 
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Uiisaturatcd compounds show greater rotatory power than the corre¬ 
sponding saturated ones, and a decrease in rotatory power follows the 
conversion of a saturated oy)cn chain compound into a saturated ring 
by the removal of two hydrogen atoms. Thus : 

Hexane, CIla.CHa.CHg.CHg.C H 2 .CII 3 . 

Hexylene, ClIg.CHa.C H^.C H- C H.CH3 

Dialiy], CH 2 ( H.C 1 I 2 .CH 2 .CH CHg 

Ethyl butyl ketone, C' 2 H 5 CO(CH 2 ) 3 CH 3 

Ethyl c?/c/cbiilyl ketojie, C'gH^CO CH -(dig 

Cllg.Cllg 

Replacement of hydrogen by a halogen or hydroxyl does not always 
affect the inagneti<' rotation to the same (‘xtent. With homologues 
the effect is practically constant, but differently constituted substances 
give various results, showing the constitutive nature of the rotatory 
power. Tlie eonstajiey in homologous series, however, is a very great 
advantage, as will presently apj^ear. 

Series Constant.—When the rotations of successive members of 
homologous scries are compared, it is found that the addition of the 
methylene group, CHg, causes practically a constant increase in the 
molecular rotation, the mean value being 1*023. If, therefore, we 
consider the molecular rotations of successive members of a homologous 
scries of, say, ])araflins, of general formula C’^ 112 , 1-1 2 » subtract from 
each the value corresj)ondiiig to each carbon atom present, a number is 
obtained, re})resenting the rotation of the remainder of the molecule, 
which is practically constant for the scries. This number is called the 
scries constant, S\ It will be evident that 

5’=:rM~l*023a 


where n represents the number of carbon atoms. Thus, for example : 



Tm. 

n» 

J3. 

Pentane, C^sHig • 

5 038 

5 

0 523 

Hexane, €31114 ..... 

(>•670 

G 

()-532 

Heptane, .... 

7()G9 

7 

0-508 

Octane, CgHig ..... 

8*772 

8 

0-588 

Propionic acid, C;iI,CH.^COOII . 

3*402 

3 

0-393 

Butyric acid, CHs(CH 2 )s.COOH . 

4-472 

4 

0-380 

Valeric acid, CH 3 (CH 2 )gCOOH . 

5 513 

5 

0-398 


. 6*(>7() 

*. 7*473 

. 8*420 

. 7*545 

. 0*911 


If the substance does not contain at least two atoms of hydrogen to 
each carbon atom, the series constant is calculated in the same way, 
by subtracting from the vajue of l*()23ii, where n is the total number 
pf carbon atoms, but S clearly does not quite correspond to the rotatory 
effect of the remainder of the molecule. This, however, does not 
matter. For the fatty acids S is lower than for the hydrocarbons. 
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In the following table are given the series constants of several 
different classes of compounds ; 


Series Constants. 


s, 

Paraflius (normal), (\Jl 2«+2 .... 0-508 

Paraffin# (iao-), „ .... 0-G31 

Alcohols (primary), C^Hgn+iOH . . . 0-699 

Alcohols (secondary), 0-844 

Aldehydes, C„Ho„0 ...... 0*261 

Ketones, .0*375 

Ethyl esters, C„H2,,02 ..... 0*337 

Acetic esters, ..... 0-370 

Esters of higher acids ..... 0-337 


Using tliese data we can calculate the molee 


ular rotations of a limited 


number of derivatives. 

CH3.CHOH.COOC2H5 


Let us consider, for example, ethyl lactate, 


Series constant lor sec. alcohols . . . 0*844 

„ „ ethyl esters .... 0*337 


Total . 1-181 

.*. Calculated series constant of ethyl lactate is 

1*181^2 . . . , . . 0-591 

Add 5 x1*023 . 5-115 


.’. Calculated molecular rotation of ethyl lactate^ . 5-706 

The observed value is 5*720. 

It is interesting to study the magnetic rotations of tautomeric 
substances, such as etliyl acetoacetate, which can exist in two forms, 
namely, as a ketone and as a hydroxy-derivative (p. 208), The value 
for the ketonic form is readily calculated as follows : 

CHa.CO.CHa.COOCalls. 


Scries constant for acetic ester .... 0*370 

Series constant for ketone .... 0*375 

Total . 0*745 

Mean series constant .... 0*373 

Add 6x1*023. 6-138 

Calculated molecular rotation .... 6*511 


The value for the hydroxy or enolic form is obtained as follows ; 

CH 3 .C( 0 H) : CH.COOCgHg. 

Obs. molecular rotation of ethyl crotonate, 

CH3.CH=-CH.C00C2H5 7*589 
Replacement of H by OH, add . % . . . 0*194 


Calculated molecular rotation , 


. 7-788 
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The observed value is 6-601, showing that the sample examined was 
the ketonic derivative. In a similar manner pyruvic acid is shown to 
have the ketonic structure CHjCO.COOH. 

Another interesting example is afforded by chloral, CCljCIIO, whi(!h 
unites with water with considerable evolution of heat yielding a 
hydrated compound, the molecular magnetic rotation of which should 
be 7*591 if the product is merely a hydrate or molecular compound, 
namely CCIJCHO.H 2 O. Hut the experimental value is 7*037, from 
which it is concluded that the constitution has been modified, the water 
having combined to yield CCl 3 CH(OH) 2 . Similarly, in solution at the 
ordinary temperature, acetaldehyde appears to be present in part as 
CH3CH(0H)2. The constant boiling mixture of formie acid and water, 
on the other hand, is shown not to be a compound. 



CHAPTER XVI. 


CLASSIFICATION OF THE ELEMENTS. 

Historical.—The educated iniud ahva\^s endeavours to (‘lassify and 
arrange isolated things or ideas, lienee it is not to be wondered at 
that, when once the Atomic Theory, as enunciated by John Dalton, 
had been accepted, numerous attempts were made by eliemists to 
discover some method of grouping together those isolated portions of 
matter knowm as elements. Of these, tlie earliest v^as that of Prout, 
who, in 1815, suggested his famous hypothesis that the atomic weights 
of the elements were probably exact multiples of the atomic weight of 
hydrogen.) In Prout’s opinion hydrogen corresponded to tlie irp^rr) v\iq 
(protyle) of the ancients. This hj-pothesis was warmly welcomed by 
Thomas Thomson, who carried out a number of experiments wdth the 
direct object of proving the hypothesis to be true. I The results, how’^- 
ever, w^re view’cd with the greatest suspicion, |)articularly by Berzelius, 
who, in 1825, published a revised table of atomic^ weights, the ^'allles 
for which differed very widely from those given by Thomson. The 
hypothesis was revived, however, by Dumas, wiio, in conjunction with 
his puj>il Stas, sliowed that the ratio of the atomic weights of carbon 
and hydrogen was almost exactly 12 to 1. The atomic weight of 
chlorine (85*5) was a diflieulty, however, and in addition copper, lead 
and a few^ other elements yielded fractions which conscientious chemists 
could not roTind off into wiiole numbers as Thomson had done. To 
overcome this, Marignac proposed to aecej>t Prout’s hypothesis as only 
approximately true—and in view of the atomic weight of chlorine 
being, according to his owm researches, approximately 35*5—suggested 
that half the atomic weight of hydrogen might be taken as the unit, a 
suggestion warmly welcomed by Dumas, who, however, soon found it 
necessary to halve even this. Stas’ further work on atomic weights, 
however, led him to discard Prout’s hypothesis as an illusion. 

Doebereiner’s Triads.—In 1816 attention was directed by 
Doebereincr to the fact that certain triads of elements exist in which 
the elements exhibit both a peculiar regularity in their atomic weights 
and a close similarity in chemical properties. For several years, how¬ 
ever, the subject was allowed to drop into abeyance, until Dumas, in 
1851, again brought it to the fore, and both he and other chemists 
rapidly added to the list of regularities. Sulphur, selenium and 
tellurium were typical. At first it was hoped that all the elements 
might ultimately be grouped into triads, and that in this way a complete 
system of classifying them might be evolved, inasmuch as the Periodic 
Classification had not as yet been introduced. These hopes w'ere, 
however, doomed to failure, and a severe blow was struck at the utility 
jof the triads when Cooke showed that some of them actually broke into 
' 32B 
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natural groups of elements. The halogens arc a case in point, for 
chlorine, bromine and iodine arc but three out of four closely similar 
elements, and no system of classification that deals with these to the 
exclusion of fluorine can be regarded as satisfactory. A similar objec¬ 
tion applif‘s to most of the other triads. 

The triads may be divided into two groups. To the former belong 
those that exhibit an interesting relationship between the numerical 
values of the atomic weights of their constituent elements, the mean 
of tlie first and third being almost identical with the middle value. 
The best examples of these are given in the following table : 


Elomoiiis. 

Atomic 

WeightK. 

Differences. 

Means of Extreme 
Atomic Weights. 

liitliium 

Sodium 

6*94 

2300 

16*06 

2302 

Potassium . 

39*10 

16*10 

Calcium 

Strontium . 

40*07 

87*63 

47*56 

88*72 

Rarium 

137*36 

49*73 


Pliosphorus 

31 02 



Arsenic 

74*93 

76*39 

Antimony . 

121*76 

40*83 


Sul])hur 

32*06 

47*14 

48*3 


Selenium . 

79*2 

79*78 

Tellurium . 

127*5 


Chlorine 

Bromine 

35 46 
79*92 

44*46 

47*01 

81*20 

Iodine 

126 93 



The second group of triads, the atomic weights of the constituent 
elements of which are closely similar to one another, is listed iii the 
following table : 


Iron . . 55*84 

Cobalt . . 58*94 

Nickel . . 58*69 


Ruthenium . 101*7 

Rhodium . 102*9 

Palladium . 106*7 


Osmium . .190*8 

Iridium . . 193*1 

Platinum . 195*2 


In 1853 Gladstone arranged the elements in the order of increasing 
atomic weights, but, owi!)g to the faulty values at that time accepted 
as correct, no generalisations of any particular importance were possible. 
A few years later, however, wben the atomic weights had been revised 
by Cannizzaro, a number of independent investigators discovered that 
certain remarkable regularities were brought out by arranging the 
elements in the order of increasing atomic weights. Chancourtois 
appears to have been the first to observe this, apd in 1862 he arranged 
the elements in a spiral round a vertical cylinder whose surface was 
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divided into sixteen vertical sections. The elements situate in any 
vertical column were seen to possess analogous chemical and physical 
properties. This arrangement became known as the Telluric Screw. 

About the same time Newlands was working along very similar 
lines, and in a series of classical papers (1864 to 1866) introduced his 
famous generalisation known as The Law of Octaves. At first 
Newlands’ papers were made the subject of ridicule, but in 1869, and 
during succeeding years, Lothar Meyer and Mendeleeff both indepen¬ 
dently made similar observations. According to Newlands’ Law of 
Octaves, xvhen the elements are arranged in the order of increasing atomic 
xveights, the first and last of any eight consecutive elements possess similar 
2 )roperties ; in other words, the properties of the elements are periodic 
functions of their atomic weights—a generalisation which became 
known as the Periodic Law. At this time, however, not only was 
the number of known elements relatively small, but the values assigned 
to their atomic weights were still often faulty. As more elements were 
discovered, and their atomic weights were determined with greater 
accuracy, the value of the law became increasingly a])})arent. The 
periodic table drawn up by Mendeleeff in 1871 is shown on p. 331, and 
the modern table, which forms the usual basis of the classification of 
the elements accej^ted by chemists at the present time, is given as the 
Frontispiece. It will be observed that the two tables arc substantially 
the same, save that an extra vertical group has been introduced into 
the modern table in order to enable the inclusion of the inert gases 
which, of course, w’crc unknown in 1871. This new group was appro¬ 
priately designated (iroup 0, for reasons that will be evident later. 

The main features of Mendeleeff’s Periodic Table, as given on 
p. 331, are as follows : 

1. When the elements arc arranged stc))wisc according to the magni¬ 
tude of their atomic weights they show a stepwise change and periodic 
recurrence in properties. 

It will be observed that there arc two short horizontal series each 
containing seven elements, no tw'o of which in either separate series 
resemble one another. But the first, second and succeeding members 
of the first series resemble very closely the corresponding members of 
the second series ; in other w ords, there is a recurrence of properties 
with every eighth element as observed by Newlands. 

In succeeding horizontal series it is the alternate elements in the 
vertical columns that resemble one another most closely. Thus, in 
Group I, copper and silver are more closely related to one another than 
are copper and rubidium or silver and cscsium ; and so on. Hence it 
is customary (sec Frontispiece) to group together the third and fourth 
horizontal series as one long series of odd and even members respec¬ 
tively and joined by what are termed the transitional elements of 
Group VIII. The successive horizontal series are arranged similarly. 

2. Chemically analogous elements have atomic w'^eights either 
similar to each other, as, for example, the three sets of triads in 
Group YIII, or increasing by regular amounts, as occurs with the other 
triads already referred to. 

The table thus shows the connection between the various triads 
themselves, as also the relation between them and the other elements 
which exhibit no simple uniformity in the numerical values of the 
atomic weights assigned to them. So far from splitting up natural 
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groups of elements, as does the grouping into sets of triads, Mendeleeff s 
sehcme eollects together all the related elements and grades them. 
y 3. The arrangement of the elements accords with their atom-fixing 
power or valciu'y. Thus, considering the oxygen compounds only, 
the valencies increase from 1 in Group I to 8 in Group VIII. On the 
other hand, the most stable hydrides are yielded by the elements in 
Groups IV to VII, which now exhibit a valemy falling from 4 in 
Group IV to 1 in Group VII, 

4. The table illustrates the gradual passage from highly electro¬ 
positive elements, such as the alkali metals, through the “ amiihoteries ” 
of Group I\' to the highly cleetronegative balogens. 

.5, It will be noted that the elements most widely distribut(‘d in 
Nature oc('ur near the top of the table, and have tlie smallest atomic 
weights. Thus oxygen and silicon together constitute some 75*9 [)er 
cent, of terrestrial material (p. 4). As a general rule tlie metals 
possess the highest atomic weights. 

Advantages of Mendeleeff’s Table. —The main advantages 
accruing to this scheme were as follows : 

1. It afforded the oidy known method of classifying the elements 
satisfactorily. 

2. When the equivalent of an element was known, but its valency, 
and hence its atomic weight, were in doubt, the Periodic Table was 
fretjuently used as a guide in fixing the atomic weight. 

Uranium affords an example of this. Its equivalent weight is 
approximately 40. On account of its resemblance to iron, the valency 
of uranium was taken as 3, and its atomic weight as 120 . Mendeleeff, 
however, had no room in his table for a trivalcnt element between tin 
and antimony, but he had room in the oxygen groljp for an element 
with a v alency of G, So he placed uranium in tliis group, doubling its 
atomic WT^ght, which thus became 240 (according to the data available 
in 1871). Its oxide was tlierefore written as UO 3 , analogous to SO 3 
and CrOg, instead of UgOg, the analogue of Fe 203 . Mendeleeff’s 
decision was justified in 1882 when the specific heat of uranium was 
determined and an atomic weight of 240 assigned to it on application of 
Dulong and Petit’s Law (p. 210 ). 

Indium was for several years regarded as divalent and analogous to 
zinc, with w^hieh it is frequently associated in Nature. With a com¬ 
bining weight of approximately 38, divalent indium would have an 
atomic weight of 7G. Hut this was not acceptable to Mendeleeff, who 
had no room in his tabic for a div^alent element between arsenic and 
selenium. There was, however, a vacant space for a trivalcnt element 
between cadmium (at. wt. 112 ) and tin (at. wt. 118), which a triv^alent 
indium, of atomic weight 38 x 3 or 114, would neatly fill, and Mendeleeff 
accordingly placed it there. This accorded with Bunsen’s simultaneous 
determination of the specific heat of indium as 0*057, yielding by 
Dulong and Petit’s Law an atomic weight of approximately 112 . 

A third example is afforded by beryllium. The combining weight 
of this element was found to be approximately 4*7, and, owing to its 
resemblance to aluminium, Berzelius regarded it as trivalcnt, and its 
atomic weight w^as in consequence taken as 3 x4*7 or 14*1. There was 
no room for a trivalcnt clement in Mendeleeff’s table, however, between 
carbon and oxygen, as the only space was already occupied by nitrogen. 
If, however, beryllium was divalent, its atomic weight was reduced to 
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4*7 X 2 or 9‘4, which brought it between lithium and boron, the position 
chosen by Mendeleeff. This was not in accordance with Dulong and 
Petit’s Law, however, for the specific heat of })eryllium between 0° and 
lOO*^ C. was foiiiid by Nilson and Pettersson (1878) to be 0-42, which 
suggests an atomic weight of f>*4“()-42, or ]5*2, which supports the 
conclusion of Berzelius. But beryllium is an excc})tion to the rule, as 
we have seen (p. 220), and thet (‘orrcctncss of Mendeleeff’s decision has 
since been abundantly confirmed (p. 222). 

S, Mendelceff’s table has led to the correction of inaccurate values 
for certain atomic weights. As an example the (*asc of osmium, 
iridium and ])latinum may be rnention(‘d. In 1870 these elements 
were believed to have the following atomic* wc*ights : 

Osiniuiu .... 108-G 

Iridium .... 100-7 

Platinum .... 100-7 

According to this, their positicjns in Group V^III shendd be rcxxrsed, 
platinum c*oming under the same vc-rtic al column as iron and ruthenium, 
the metal osmium laang relegatc*d to the third vertical column, under 
nickel and palladium. But such an arrangement is opposc-d to the 
general projK-rtic-s of these elements, ])latinum r(*seml)ling nic*kcl and 
palladium more closely than it doc's iron and ruthenium, the reverse 
being true for osmium, and subsecpient rcscarc*h has shown that the 
aton]ic wc'ights assigned to the above three elc-ments in 1870 Avere 
inacc*uratc, tlic values now recognised being as follows : 

Osmium .... 100-8 

Iridium .... 103-1 

Platinum .... 195-23 

The discTcpaney, thcrc-forc, no longer c^xists. 

4. The numerous blanks in Mendelc'ctf's table were assumed to 
indicate the existence of undiscovered elements. 

Previous to 1875 there were three gaps in the table, pointing to the 
existence of three elements at that time unknown, the atomic weights 
of which were less than 75. Two of these oc-curiod in (iroup ill 
immediately below aluminium, and one in Group IV below titanium. 
To these hypothetical elements Mendeleeff gave the names of eka-boron, 
eka-aluminium and eka-silicon, respectively, and by studying the 
knoAvn elements in the immediate neighbourhood of the gaps, he was 
able to give in considerable detail the proj)erties which these elements 
would be found to possess. His predictions were verified in a remark ¬ 
able manner fewer than twenty years afterwards by the discovery of 
these elements. The first to be discoA'^ered Avas eka-aluminium. In 
1875 Lecoq de Boisbaudran (see p. 294) observed a ncAv violet line, 
A 4170, in the spark spectrum of some material he had separated from 
the zinc blende of Pierrefitte ; further work led to the discovery of 
another new line, A 4031, and established the fact that both lines 
belonged to a new element, to which the discoverer gave the name of 
gallium^ in honour of his native country. It was observed very shortly 
afterwards that this element closely resembled, both in its physical and 
chemical properties, the hypothetical eka-aluminium. The following 
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tabular statement shows how closely Mendelceff had succeeded in fore¬ 
casting the properties of gallium : 


Eka«aliirainiura. 

Gallium. 

Atomic w'eight c. GcS. 

Metal density 5*9, 

Low melting point. 

Unaffected by air. 

Oxide M 2 O 3 . 

Hydroxide soluble in acids and 
alkalies. 

With halogens yields salts of the 
ty 2 )e MX 3 . 

Anhydrous chloride more volatile 
than ZnClg. 

Sulphate should form alums. 

Tendency tow'ards basic salt 
formation. 

Atomic weight 09*72. 

Metal density 5*95. 

Melting point 29*8‘' C. 

Unaffected by air. 

Oxide GagOg. 

Hydroxide soluble in acids and 
alkalies. 

With halogens yields salts of the 
type GaX 3 . 

Anhydrous chloride more volatile 
than ZnCIg. 

Alums known. 

Salts readily hydrolyse and form 
basic salts. 


The discovery of the coincidence of gallium and eka-aluminium was 
a striking confirmation of the general correctness of the Periodic Law, 
and from that time onwards chemists began^to appreciate with ever- 
increasing sincerity the utility of this new method of classification of 
the elements. 

In 1879 Nilson was preparing ytterbia from eux^fhite and gadolinite 
and discovered a new' earth, present in very small quantity, but 
characterised by its feeble basicity, its low chemical equivalent 
(approximately 15), and its spark spectrum. Only 0*3 gramme of the 
earth was obtained, and that in an impure state. To the new metal 
present in the earth Nilson gave the name of scandium. It was soon 
found that scandium corresponded very closely with Mendeleeffs 
hypothetical eka-boron. The properties of scandium and those pre¬ 
dicted by Mendeleeff for eka-boron are sumrriarised in the following 
table ; 


Eka<boron. 

Scandium. 

Atomic weight c. 44. 

Oxide M 2 O 3 . 

Carbonate insoluble in water. 

Double sulphates with alkali sul¬ 
phates probably will not be 
alums. 

Anhydrous chloride, MCI 3 , should 
hydrolyse more easily than 
MgClg. 

Atomic weight 45*10. 

Oxide SC 2 O 3 . 

Carbonate insoluble in water. 
Double sulphates known, but 
they are not alums. 

Anhydrous ScClg hydrolyses in 
aqueous solution. 

i 


Finally, in 1886, Winkler analysed argyrodite, a mineral to which 
;the formula 4Ag2S.GeS2 is now given. His first analytical figures 
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added up only to 93“94 per cent. The deficiency was accounted for 
by the discovery of a new element to which Winkler gave the name 
germanium. Winkler at first thought that this new element would 
fill the supposed gap (p. 331) between antimony and bismuth in 
Mendeleeff’s tabic, but he soon recognised its tetravalent nature and 
its identity with eka-silicon. The predicted properties of eka-silicon 
and the observed properties of germanium are summarised below : 


Eka-silicon. 

Germanium. 

Atomic weight c. 72. 

Density 5*5. 

Oxide MOg. 

Chloride MCl^, boiling slightly 
below lOO' C., density 1*9. 
Fluoride MF 4 , not gaseous. 

Ethide M(C 2 lT 5 ) 4 , litpiid, boiling 
at c. 160C., density 0*90. 

Atomic weight 72 OO. 

Density 5-35. 

Oxide GeOg. 

Chloride GeCl 4 , boiling at 
86-,5'" C., density 1 -89. 

Fluoride GeF 4 , solid. 

Ethide Ge((' 2115 ) 4 , liquid, boiling 
at 163-5 ' C., density 0*90. 


Extension of Mendel^eff’s Table to include the Inert Gases.— 

The discovery of the elements of Group 0 could hardly have been pre¬ 
dicted from Mendclccff’s table, for this involved a whole vertical scries 
and not, as in the cases just considered, isolated ga|)s in known vertical 
groups. Looking back from our present viewpoint upon the scheme, 
we can now sec that, in order to complete it absolutely, a group of 
chemically inac^tive elements was necessary to form a buffer between 
the electronegative halogens and the electropositive alkali metals. 

Argon (Greek argos, inactive) was the first of these gases to be 
isolated by Rayleigh and Ramsay in 1895. Its density was found to 
be 20 (H = 1 ), so that its molecular weight would be about H); the 
ratio of its specific heats, y, was 1 *65, from which it was concluded that 
its molecule was monatomic (p, 230), and its atomic weight was there¬ 
fore 40. At first it did not seem possible to assign a place in the 
Periodic Table to such an element, but, when other inert gases were 
discovered and isolated, chemists generally accepted the suggestion, 
first made by Ramsay, that argon should be placed in a new group 
in the Periodic Table between chlorine and potassium. It was true 
that argon apparently possessed a slightly higher atomic weight than 
potassium, but it was thought that further investigation might rectify 
matters, as it had done the apparent irregularity in the atomic weights 
of osmium, iridium and platinum (p. 333). When helium fell into line 
between hydrogen and lithium, neon between fluorine and sodium, and 
so on (see Frontispiece), all doubt as to the necessity of adding Group 0 
to the table rapidly vanished. 

Imperfections of Mendel6eff*s System. —It is not surprising that 
a system of classification which aimed at embracing not only all the 
known but also the unknown elements of the universe should have its 
weak points. The most awkward of these are the well-established 
exceptions to the law, which are as follows : 

1 . Argon and Potassium .—With an atomic weight of 39*94, argon 
should lie between potassium and calcium in the Periodic Table. But 
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there is no room for it, and to interchan^ife the positions of argon and 
potassium by placing the latter element in Group 0 and the former in 
Group I, would ob^’iously destroy the symmetry of the whole. 

2 . Tellurium and Iodine. —From chemical considerations tellurium 
properly belongs to Grou}) VI and iodine to Group YII ; but the atomic 
weight of the former clement is found to be higher than that of iodine, 
which implies that the positions of these elements'in the table should 
be reversed. 

3. Nickel a7id ("obaIt. -The atomic weight of nickel, as determined 
in a variety of ways, is slightly less than that of cobalt, a result whicdi 
places it between iron and cobalt in the eighth group. Nickel, however, 
resembles palladium and platinum more closely than it does rhodium 
and iridium, the reverse being true for cobalt. Furthermore, by 
placing cobalt between iron and ni(‘kel, a more gradual variation in the 
properties of the three (‘lements becomes observable. Thus, for 
example, whilst iron forms two series of well-delined salts, namely, the 
ferric salts and the ferrous salts, cobalt forms cobaltie salts only with 
comparative diflieulty, and nickel yields only nickelous salts. Evidently, 
therefore, the true position of cobalt should be between iron and ni(*kel. 

4. Hydrogen.—Thifi element might ecpially well be ])laeed at the 
head of Groiij) VII, containing the halogens, as at the head of Grouj) I, 
containing the alkali metals. This anomaly is discussed on p. 338. 

5. Rare Earth Metals. —There w^as no place for these as a class in 
the original scheme. Positions were suggested for yttrium, cerium, 
“ didymium,” lanthanum and erbium, but these clearly were only 
tentativ^e. Detailed reference to this is made on p. 339. 

The foregoing arc dehnite exceptions to Mendeleeff’s system, and 
there is no prospect that subsequent work will change the order of the 
atomic weights. 

The Modern Periodic System. —The existence of w^edl-defined 
exceptions to Mendclceff’s system led chemists to the conclusion that 
the position of an element in the Table is not dependent upon the 
atomic weight, but rather upon some other property of the atom to 
which the atomic weight bears some connection. 

We have reason to believe that an atom consists of a central nucleus, 
in which is concentrated its positive charge and which constitutes the 
bulk of the mass of the atom, for each positive charge of electricity has 
a mass approximately equal to the mass of the hydrogen atom. This 
nucleus is surrounded by groups of separate isolated negative charges 
of electricity, known as electrons, the mass of which is negligibly 
small. These electrons neutralise the positive charge on the tiucleus 
and render the atom electrically neutral, or practically so. The 
nucleus, except in the case of hydrogen, may be a very complex struc¬ 
ture consisting of charges of positive and negative electricity, the former 
always outnumbering the latter, so that the resultant charge on the 
nucleus is always positive. The chemical properties of an element are 
believed to depend upon this resultant charge (see Vol. II). 

To fix our ideas, let us consider the case of bromine. Its nucleus 
possesses a resultant positive charge of 35 units, and hence is sur¬ 
rounded by 35 electrons, which render the complete atom electrically 
neutral. Suppose, now, the nucleus of our bromine atom contains 79 
positive charges, partially neutralised by 44 negative charges very 
closely associated with it, Its mass will be approximately 79 times 
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that of a hydrogen atom, but its chemical properties will depend upon 
its resultant positive charge of 85 units, which, in the neutral atom, 
will be neutralised by external groups of electrons. Suppose, on the 
other hand, the nucleus contains 81 positive charges, partially neutral¬ 
ised by 46 negative charges. The mass of the atom will be 81 times as 
great as that of the hydrogen atom, but the chemical properties of our 
new atom will, as before, depend upon its resultant charge of 35 units. 
Evidently, therefore, it is possible to conceive of two atoms of bromine, 
masses 79 and 81 respectively, yet possessing identical chemical pro¬ 
perties, because the resultant electrical charges on their nuclei are 
identical. Such atoms will occupy the same place in the Periodic 
Tabic, despite their difference in mass. They are therefore termed 
isotopes (Greek equal; topos, place). 

Experiment shows that isotopes of this character really do exist. 
Bromine has been shown, by a method that will be explained later, to 
consist of two such isotopes, usually written Hr 79 and Br 81 respectively. 
These are present in nearly equal pro])ortions in ordinary bromine, so 
that the mean atomic weight, as ascertained chemically, is 79*916. 
Had there been only one kind of bromine atom, say Br 79, then selenium, 
with a mean atomic wciglit of 79*2, would have appeared anomalous. 

The large majority of the elements are comj^ositc mixtures of iso- 
toj>es, chromium possessing four and tin at least eiglit. A list of the 
isotopes at present known is given in the table on pp. 35, 36. 

Now it so happens, and very fortunately so, that the mean atomic 
weights of the elements in most cases are approximately proportional 
to their nuclear charges, and do therefore work out in accordance with 
Mendclccff’s rule. The exceptions mentioned on p. 336 arc readily 
accounted for as follows : 

1 . Argon and Potasm4m, —Argon has two isotopes, 36 and 40. 
Potassium consists essentially of K 39, with a mere trace of K 41. Had 
argon but possessed a higher proportion of A 36, or potassium more of 
K 41, the two elements would have obeyed Mendeleeff’s rule. 

2. Tellurium and Iodine, —Iodine has, apparently, but one atom, 
namely 1127 ; but tellurium has four isotopes, namely 125, 126, 128 
and 180. Had tellurium possessed more of the 126 isotope, tlie anomaly 
would not have occurred. 

8 . Nickel and Cobalt, —Similarly, cobalt has one atom only, Co 59, 
whilst nickel has two, namely Ni 58 and 60. Had nickel possessed 
more of the heavier isotope, it would have fallen into line. 

The modern Periodic Law, therefore, may be expressed as follows : 

When the elements are arranged in the serial order of successively 
increasing resultant nuclear charges, they show stepwise gradations in 
their properties and certain properties recur periodically at regular 
intervals. 

If, when arranged in this order, the elements are numbered serially, 
beginning with hydrogen as 1, helium 2, lithium 8, and so on, the 
number of each element is known as its atomic number, and, as we 
shall see later, gives the number of electrons surrounding the nucleus, 
and hence the numerical value of the resultant positive charge on the 
nucleus. 

This modern interpretation of the Periodic Classification is a great 
improvement oh the old, its main advantages being as follows : 

VOL* I. 22 
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1 . There are no exceptions, all the elements conforming to the rule. 

2 . By mfeans of its X-ray spectrum we can determine directly the 
atomic number of any element and hence the position to be assigned 
to it in the scheme. It is not even necessary to determine the com¬ 
bining weight or the atomic weight by the usual chemical methods. 

It is important to note that the different isotopes of any one clement 
have the same atomic number, although their atomic weights may 
differ appreciably. 

3 . The atomic number of uraniiun is found, in the foregoing manner, 
to be 92. This definitely fixes the number of possible elements between 
hydrogen and uranium, although of course it cannot give us any indi¬ 
cation of the possible existence of elements of higher atomic w^eight 
than uranium. 

This limitation of the possible number of elements is a very great 
advantage. By the old arrangement it was possible, as we liavcj seen, 
to predict the existence of elements when well-defined gaps o(‘curred 
in w^ell-established vertical or horizontal groups of elements. But it 
w^as not generally possible to assert that all the horizontal and vertical 
groups were known at any one time, as witness tlie addition of Group 0 
to the table at a time when most chemists imagined the scheme was 
complete. 

4 . The scheme enables us to define an element as a simple substance 
that possesses a definite and characteristic atomic number, but only 
one such number. Thus, for example, the ammonium group might 
be regarded as an element analogous to any alkali metal in vie^v of the 
close similarity of ammonium and alkali metal salts. But the X-ray 
spectrum of ammonium would indicate tw^o atomic numbers, one 
characteristic of hydrogen and one (diaraideristic of nitrogen. Similarly, 
radium, by virtue of its disintegration into helium and a wdiole scries of 
other prodiKjts, might be regarded as a compound. But it possesses 
an X-ray spectrum cdiaracteristie of an element of atomic number 88. 
It is definitely an element, therefore, and not a eom])ound. 

The Position of Hydrogen.—The position to be assigned to 
hydrogen in the Periodic Classification was for many years a source of 
dispute. It is generally agreed that the valency of hydrogen is unity, 
and this opens up tw^o possible positions for the element in the table, 
namely, at the head of either the first or the seventh group. Mendeleeff 
in 1870 placed hydrogen at the head of the alkali metals, virhereas 
Newlands in 1872 placed it at the head of the halogens. Let us con¬ 
sider the arguments in favour of this latter arrangement: 

1 . Hydrogen, like fluorine and chlorine, is diatomic in the gaseous 
state, whereas the alkali metals are monatomic. This argument, 
however, is hardly conclusive, for the alkali metals combine with 
hydrogen to form hydrides, such, for example, as Nall and KH, so 
that the H 2 molecule may be looked upon as hydrogen hydride, H-H. 

2 . Solid hydrogen, although belonging to the cubic system like the 
alkali metals, does not look like a metal. It is a snow-white substance 
w^hich melts to a clear transparent liquid which does not conduct the 
electric current, whereas metals are opaque and are in general good 
conductors of electricity. 

3. Metallic hydrides do not conduct the electric current like true 
metallic alloys. Further, upon electrolysis of calcium hydride dissolved 
in a fused mixture of lithium and potassium chlorides, Bardwell (1922) 
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found that, whilst the calcium was liberated at the cathode, some of 
the hydrogen was evolved at the anode, and thus appeared to function 
as a typical non-metallic element. 

4. The mutual rcplaceability of hydrogen and chlorine in organic 
compounds was noted by Dumas in 1839, who was thus led to compare 
the properties of several pairs of derivatives such as chloral, CCI3CHO, 
and acetaldehyde, CII3CHO, and trichloracetic acid, CCI3COOH, and 
ordinary acetic acid, CH3COOII. Dumas noticed that the essential 
characteristics of many substances apparently wt^re unaltered by 
chlorination ; thus chloral still functioned as an aldehyde, and trichlor¬ 
acetic acid as a typical organic acid, s[)litting off LOg when the sodium 
salt was heated with sod a-lime, just as acetic acid does. 

5. The melting and boiling ])oints of the alkali metals fall as the 
atomic weight rises, so that hydrogen, if regarded as a forerunner of 
lithium, might be expected to melt and boil at higher temperatures 
than does this metal. On the other hand, tlie reverse is true for the 
halogiuis, aT\d hydrogen, melting at -2.59° C‘., is a very suitable fore¬ 
runner of fluorine, m.pt. -223° (\ 

On the other hand, it must be admitted that in its ordinary chemical 
properties hydrogen reacts as though it were metallic. Thus, its most 
stable com|K)un(ls, like those of the metals generally, are formed by 
uTiion with iion-metallic elements. For example, although the halogens 
exhibit but little tendency to combine amongst themselves, save in the 
case of the two extreme elements, fluorine and iodine, yet they yield 
very stable compounds with hydrogen and the metals. The same tnith 
applies with more or less completeness to the other non-metallic elements 
known. Consequently, it seems most natural to regard hydrogen as 
analogous to a metal, and as such it is a more fitting forerunner of the 
alkali metals than of the halogens. 

When aqueous solutions of acids, such as sulphuric or hydrochloric 
acid, are electrolysed, hydrogen is liberated at the cathode, just as 
metallic co})per and silver are deposited there when their solutions are 
electrolysed. 

Finally, it may be mentioned tliat hydrogen is capable of replacing 
metals from their salts. If the temperature is raised and the hydrogen 
is under considerable ])ressure it is found that the reaction 

CUSO 4 + Hg ^ II 2 SO 4 + Cu 

is more or less reversible, for metallic copper is precipitated out (Ipatieff, 
1909). 

Hydrogen therefore must be regarded as an amphoteric element, 
capable of functioning as a metal or a non-metal, as o(x*asion serves. 
We shall see how this can be when we consider, in a later chapter, the 
general principles of atomic structure. Nowadays, it is usual to place 
hydrogen at the head of the alkali metals, as shown in the Frontispiece. 

The Rare Earth Elements. —These comprise fifteen elements, 
namely: lanthanum, cerium, praseodymium, neodymium, illinium, 
samarium, europium, gadolinium, terbium, dysprosium, holmium, 
erbium, thulium, ytterbium and lutecium. Their atomic weights lie 
between those of barium (137-36) and hafnium (178-6). These elements, 
and their compounds, show a striking similarity to one another, much 
more close than that shown, for example, between iron, cobalt and 
nickel. 
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Until the method of determining the atomic number of an element 
had been discovered, it was impossible to say how many of the rare 
earth metals might exist. We now know, however, that their number 



is limited to 15. Fourteen of them were fairly easily discovered, but 
if chemists had not known that the existence of the fifteenth, namely, 
element No. 61, was possible, it might never have been found, as 
apparently it exists only in extraordinarily minute quantities, so 
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minute indeed that it can be detected only after laborious concen¬ 
tration, and even now it has been obtained only in concentrations of 
the order of one part per thousand in rare earth mixtures. The element 
was first detected by Hopkins and his co-workers in 1026, and named 
illinium, to commemorate its discovery in the University of Illinois. 

Now if we attempt to include these elements in the Periodic Table 
in the usual way, the result is far from satisfactory. Lanthanum falls 
naturally into Group III, and cerium, which in its ceric compounds is 
tetravalent, lies suitably in Group IV under zirconium; but praseo¬ 
dymium docs not lit at all well into Group V, nor do the succeeding 
elements fall any more readily into their serial places. Sometimes, 
therefore, the rare cai*th elements arc grouped all together into Group III 
and left there. This, however, destroys the symmetry of the whole, 
and various other suggestions have been made. 

The Periodic Sphere. —By arranging the elements in the form 
of a spiral round the surfac*-c of a sphere, as shown in lig. 183, several 
interesting features become apj)arent. In the first coil the spaces or 
“ cells ” occupied by the elements are relatively small, but are steadily 
increasing, and in the second coil the “ cells ” are sufiiciently large for 
the elements to show a distinct tendency to orient themselves ex- 
centrally. In the third and succeeding coils the orientation is very 
definite, giving rise to sub-groups in the vertical Groups I to VII, as 
indicated by the broken lines. When the equator is reached the cells 
are of maximum size, and may be ])resumed sufiiciently large to 
contain two metals each. If, then, we insert cerium and praseodymium 
into Group IV and succeeding pairs of rare earth metals into successive 
(‘ells, an equatorial belt of rare earth metals, closely packed together, 
is obtained. This arrangement is shown in the flat on the Frontispiece, 
and constitutes a sort of Mercator’s Proje(‘tion of the world of elements. 
The tendency of the rare earth metals to resemble each other in pairs 
is well brought out. Thus cerium and praseodymium resemble each 
other more closely than they do any other of the rare earth metals. 
Further, the similarity of sub-equatorial elements such as hafnium, 
tantalum and tungsten, to those in corresponding positions above the 
equator, namely zirconium, niobium and molybdenum, is indicated by 
their positions, which are approximately equidistant from the axis of 
the Periodic Sphere. 

Although this arrangement is not ideal, there is mu(‘h in its favour. 

Missing Elements. —All but two of the possible 92 elements up 
to and including uranium have been detected and in most cases isolated. 
The latest elements to be discovered are ; 

Hafnium (72) by Coster and Hevesy (1923); 

Masurium (48) and rhenium (75) by Noddack and Tacke (1925); 

Illinium (61) by Hopkins and co-workers (1926). 

Evidence has been obtained of the existence of eka-eaesium (No. 87) 
by Papish (1981). Numerous attempts have been made to trace 
eka-iodine (No. 85) and an element of higher atomic weight than 
uranium, but hitherto without success. 

Radioactive Elements. —These are dealt with in Vol. 11. 
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SOLUBILITY AND DISSOLUTION. 

A solution lias already (p. S) been deliiied as a homogeneous mass, 
the composition of xchicli maif undergo continuous variation {hetxveen the 
limits of its existence), and ivhich man separated into two {or more) 
homogeneous substances hi/ processes involving change of state. 

This definition does not restrict solutions to any particular state of 
matter, and several systems of solution are therefore possible. In so 
far as gases are concerned, experience sJiows that it is im]K)ssible for 
two or more different gases to remain in contact in sc'parate layers, 
even though their densities differ to a very marked extent. Thus, if 
a few^ drops of liquid bromine arc drojqied on to the floor, the vapour 
rapidly diffuses into the air of the room, so that its odour becomes 
perceptible in every corner, despite the fact that its density is five and 
a half times as great as that of the air. In other woj’ds, gases are 
mutually soluble in each other to an unlimited extent. The same is 
true of certain liquids, as, for example, ordinary alcohol and water. 
But in the majority of’ cases in 'which two substanc^es are mixed, the 
extent to which one can dissolve in the other is strictly limited. 

Yew pairs of substances, if any, refuse to dissolve in each other 
to some extent, however small. Carbon disulphide, for example, can 
absorb very small quantities of water, and water of carbon disulphide ; 
again, water can take uj) small quantities of silica, as well as of many 
other suVjsStances, such as silver chloride, which, for most practical 
purposes, are regarded as insoluble. 

If two substances which do not mix in every possible proportion 
are left in contact, and if at the end of a considerable time the added 
substance remains in excess, a saturated solution will have been 
formed. The rate at which this saturated state is reached depends on 
several factors, such as the state of subdivision of the solute, and the 
rate at which the solution formed diffuses away into the solvent. 
Agitation, wdiich assists diffusion, causes solution to occur more quickly. 

The DissoLUTiON of (Uses in Gases. 

As gases are mutually soluble in all proportions, there is no question 
of determining the limits to which they mix. 

When two or more gases are contained in the same vessel, the pres¬ 
sure of the mixture may be determined by a simple rule known as 
Dalton’s Law, 1802, according to which 

the pressure exerted by a gaseous mixture is eqtuil to the sum of the 
pressures which the constituents would exert if each occupied separately the 
volume of the mixture. 
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The pressures which the constituents would exert separately are termed 
their partial pressures in the mixture. Denoting them by p^, 
Pg, etc., and the total pressure of the gaseous mixture by P, then 
Dalton’s Law may be stated simply thus : 

P=Pj-Hp2+P3 + etc. 

This is frequently termed the Law of Additive Pressures. 

In common with the other gas laws, Dalton’s l^aw is only approxi¬ 
mate, and at high 2 >rcssiires it breaks down. At moderate ]>ressures, 
howe ver, it liolds with reasonable accuracy for vapours as well as 
gases, |)iovided that the corresj^onding liquids are not miscible, as was 
shown by H(*gnault, The law is commonly employed in deducing the 
volume, at any desired temperature and pressure, of a dry gas from 
observations of its pressure, volume and temperature when saturated 
with water or other vapour. 

As this law involves the assumption that each gas retains its indi- 
x'idualit}^ irrespective of the other gases, it may be stated in another 
way, namely, that 

the volume oecupied by a mixture of gases is equal to the sum of 
the volumes occupied by its constituents under the same co7idiiions of 
temperature and pressure. 

This is termed the Law of Additive Volumes. 

The la^v is only perfectly true, in either form, for ideal gases, and 
in certain other cases. In general, the former rendering appears to be 
more correct than the latter (Masson and Dolley, 1923). 


The Dissolution of Gases in Liquids. 

The solution of a gas in a liquid never takes place to an unlimited 
extent, like that of one gas in another. Hence it is necessary to de¬ 
termine the limit of mixing or the solubility of the gas in the liquid 
or solvent. 

The results of solubility determinations may generally be expressed 
in several ways, namely : 

1. Ostwald’s Coefficient of Solubility. —This is defined as the 
volume of the gas absorbed under the conditions of the experiment by 
unit volume of the liquid. It is usually denoted by I (German Ibslich, 
soluble), and is not reduced to 0° C. and 700 mm. pressure. This 
quantity may also be defined as the ratio of the concentration of the 
gas in the gaseous space in a closed vessel to that in the saturated 
liquid below, for, by Henry’s Law (see later), the volume dissolved is 
independent of the pressure. 

2. Bunsen’s Absorption Coefficient, is the volume of gas at 
N.T.P, absorbed by unit volume of the liquid under a partial pressure 
of the gas itself of 760 mm. irrespective of the vapour pressure of the 
liquid. If measurement is made at atmospheric pressure it is clear 
that 

/-j3(I-h0-003670. 

8. By S' is meant the volume of gas reduced to 0° C. and 760 mm. 
which is absorbed by one volume of the liquid under a total pressure of 
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760 mm., which includes the vapour pressure, /, of the solvent. 

760 -/ 


Hence 




760 


4. It is frequently convenient to express solubility results gravi- 
metrically. By q is understood the number of grammes of gas dissolved 
in one litre of solvent under the experimental conditions. 

Determination of Gaseous Solubility.—For this purpose volu¬ 
metric methods are frequently employed, the volume of gas absorbed 
by a given volume of liquid being measured directly, or, conversely, 
the volume expelled from the saturated solution under suitable 
conditions. 

For the former of these methods an absorptiometer is used, and 
a useful form, as employed by Ostwald, is shown in fig. 134. The gas 

is stored in the graduated tube A, closed 
at its upper end by a three-way tap T, 
and connected with B by a flexible tuVje 
Q sealed with mercury. The vessel C is 
' ^ completely full of the gas-free liquid, 
and is connected by pressure tubing to 
T. On opening taps T, Cj and Cg a 
definite quantity of liquid may be run 
out, its place being taken by an equal 
volume of gas from A. (\ and Cg are 
now closed, the vessel shaken and the 
absorptioTi noted on connecting with A 
and readjusting the pressure. 

When the dissolved gases are chemi¬ 
cally active they may be determined 
colorimetrically or titrimctrically. As 
an example may be mentioned the 
colorimetric method of estimating dis¬ 
solved oxygen in water by tlie addition 
of a cuprous salt and ammonia, and 
comparing the depth of colour (blue) 
produced with that of standard coloured 
solutions. Winkler’s method of esti¬ 
mating the same gas is titrimetric and 
consists in adding alkaline potassium 
iodide and manganous chloride solutions to a known volume of water. 
On shaking, the manganous hydroxide liberated by the alkali is oxidised 
by the dissolved oxygen. The whole is acidified and the iodine liberated 
by the manganic salt is titrated with thiosulphate. The amount of free 
oxygen originally dissolved in the water is then readily calculated. 

Nature of Gas and Solubility.—In so far as their solubilities in 
water are concerned, gases may be divided broadly into two classes, 
namely, those that are chemically inert towards water, and those that 
combine with it, such as ammonia, hydrogen chloride, sulphur dioxide, 
and the like. The former group, which includes oxygen, nitrogen and 
many other ‘‘ permanent ” gases, frequently are so slightly soluble 
that for many chemical purposes they may be regarded as insoluble 
and may be collected and stored over water. The latter group usually 
possesses high absorption coefficients, and it is significant tnat as a 



Fio. 134.—An Absorptiometer 
(Ostwald). 
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rule these gases are more easy to liquefy. The inert gases xenon and 
radon (niton) lie between the two groups. In the following table are 
given the solubilities of a few typical gases in water at 0® C. in terms of 
Bunsen’s absorption coeflicient: 

Boiling Points and Solubilities of Gases (j8) in Water 

at 0° C. 


Gas. 

Boiling 

Point, 

•^Abs. 

f at 

O'* 0. 

Gas. 

Boiling 

Point, 

'Abs. 

p at 

0" C. 

Hvdrogon 

20*5 

00214 

Xenon . 

164 

0-219 

Nitrogen 

77 

00232 

Radon . 

.. 

0-5 

Carbon monoxide . 

83 

00354 




Oxygen . 

90 

00492 

Carbon dioxide 

195 

1-713 

Methane 

112 

00556 

Hydrogen sulphide . 

213 

4-62 

Argon . 

87 

0 0561 

Sulphur dioxide 

263 

79-8 

Nitrici oxide . 

123 

00738 

Hydrogen (;hloride . 

190 

525 

Krypton 

121 

0120 

Ammonia 

240 

1300 


Effect of Pressure, Henry’s Law. - The law connecting the effect 
of ])ressure with the solubility of a gas w^as discovered by Henry in 
1803, and states that 

the concentration of the solution is proportional to the pressure of 
the gas. 

If the pressure of a gas above a li(piid solvent be doubled, the mass of 
gas absorbed will be doxibled ; but by Boyle’s Law the density of the 
gas is also doubled ; hence the volume entering the solution remains 
constant. From this fact, as already stated, the volume of gas dissolved 
by a liquid is indejxcndent of the pressure. This may be indicated by 
the expression 

67P = const. 

If a mixture of gasses be shaken with a solvent, the amount of each 
absorbed depends on tw^o factors, namely, the solubility and the partial 
pressure (see p. 343) which each exerts in the gaseous mixture. The 
partial pressures of oxygen and nitrogen in the air are in the ratio 
of their proportions by volume, but since the solubility of oxygen is 
greater than that of nitrogen, the gas expelled by boiling or by the 
aid of a vacuum jjump from water which has been saturated with air 
will be proportionately richer in oxygen. If this gas is re-absorbed 
and again expelled, and the process repeated several times, fairly pure 
oxygen can be isolated. Mallet, in 1869, took out a patent for the 
commercial preparation of oxygen based on this principle. He found 
that after eight absorptions with water under pressure a gas containing 
97*8 per cent, of oxygen could be obtained. His results for successive 
absorptions were as follows : 

No. of absorptions ...01 234567 8 

Peroentage of oxygen . . 21 33’3 47*6 62*5 75*0 85*0 91*0 95*0 97*3 

Percentage of nitrogen, etc. , 79 66*7 62*6 37*5 25*0 15*0 9*0 5*0 ^*7 
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At the present time this method has no commercial importance. The 
relative solubilities of oxj^gen and nitrogen in various other solvents 
have been determined, but the results do not encourage the idea that 
oxygen can be obtained any more readily with these solvents than by 
the employment of water. 

It is of historical interest to note that one of the methods used by 
Ramsay to demonstrate the existence of a new, heavy constituent of 
the atmosphere, now known as argon, was based on IIenry\s Law. 
Water, charged with air, was passed slowly into a heated vessel, wliich 
raised the water to the boiling point. The escaping gases were collected, 
the oxygen removed by passage over red-hot coj>per, and the density 
of the residual “ nitrogen determined. It was found consistently to 
be denser than atmospheric nitrogen, showing that the lieavy gas, 
nanieh" argon, was beitig concentrated in the nitrogen by this method. 
Reference to tlie preceding table shows that argon is more than twice 
as soluble as nitrogen in water. 

Henry’s Law is obeyed by the permanent gases with considerable 
exactness at pressures not widely removed from atmosplicric. This is 
illustrated by the following data for the solubility of oxygen in water 
at 25C. (Morgan and Richardson, 1030) : 


Pressure, P (mm.) 

175 

202 

300 

414 

010 

700 

Solubility, q (milligrammes 
per litre) 

9 5 

10 T 

IGO 

22 0 

32-5 

40-8 

1000^/P X 102 

5 43 

! 

5-29 

5 33 

5 32 

5-31 

5 37 


Henry’s Law is independent of the nature of the solvent, providt^d 
chemical action does not take place. Thus, for example, under ]ires- 
sures slightly less than atmospheric, the solubility of hydrogen sulphide 
in aniline at 22° C. conforms closely witli the requirements of Henry’s 
Law (Bancroft and Belden, 1930) : 


Pressure (mm.) 

102 

199 

390 

579 

874 

1100 

Solubility, q (grammes per 







litre) .... 

2-74 

5-32 

100 

15-8 

240 

31-6 

X 

o 

2-08 

2-67 

2-72 

2*73 

2-75 

2*72 









To the very soluble gases, such as hydrogen chloride and ammonia, 
Henry’s Law does not apply. The chief reason for their departure 
from the law lies in the fact that they combine with the water, whereas 
Henry’s Law presui^poses that merely physical solution takes place. 
The following data refer to ammonia : 


P (mm.) . 

20 

80 


500 

1000 

q (grammes per litre) 

82 

240 


770 

1126 

qIP . . . 

4*10 

300 


1-54 

118 
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As the pressure is increased above atmospheric, the solubilities of 
even the permanent gases tend to deviate from Henry’s Law. The 
following data refer to the solubility of oxygen in water at 23° C. 
(Cassuto, 1904) : 


Pressure 







(atmos])heres) 
Ostwald’s coefli¬ 

1-2C 

2-74 

5*59 

G-7G 

9G1 

10-71 

cient/x 102 . 

2-94 

2 93 

2*87 

2*83 

i 

2-74 

2*71 


The solubility of oxygen in blood does not follow Henry’s Law, 
relatively larger amounts of oxygen being absorbcnl at low pressures 
than the law demands. This is usually attributed to combination 
taking ])laee between the gas and the hannoglobin of the blood to form 
the eharacteristieally bright red oxyhaanoglobin of the arterial blood. 
No doubt other factors are concerned, since the amount of both oxygen 
and carbon dioxide absorbed by blood are in accordance with the 
adsorption law. This point is adverted to later (sec p. 439). 

Effect of Temperature on Gaseous Solubility. —In general, the 
solubility of a gas decreases as the temperature rises. This is illustrated 
by the following table in which arc given the solubilities of oxygen 
and argon-free nitrogen in water in terms of Bunsen’s absorption 
coeflicient, ^: 

Solubilities of Oxygen and Nitrogen in Water. 

(Fox, 1909.) 


Temperature, 

^C. 

Oxygon. 

Nitrogen. 

(/?.) 

0 

004924 

0 02319 

10 

0-03837 

0018G3 

20 

0-03144 

0-01572 

30 

0-02GG5 

0-01375 

40 

0 02330 

0 01233 

50 

0-02095 

0-01IGO 


It is frequently possible to represent the influence of temperature 
upon the solubility of a gas in a liquid by means of an expression of 
the type 

. . . . ( 1 ) 

where c and d are constants. For example, in the (*ase of oxygen 
this relationship is given approximately for a temperature interval of 
0° to 80° C. by the expression 

j8 = 0*04924 - 0*001344^ + 0*00002875^2 _ ().()000003/2. 

When a solution of a gas in a liquid is heated in a vessel open to 
the atmosphere, the gas is gradually expelled and, if its solubility is 
accurately expressed by Henry’s Law (see p. 345), most of the gas 
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should be expelled when the boiling point of the solvent is reached. 
In the case of aqueous solutions of the permanent gases, such as oxygen 
and nitrogen, the expulsion is almost complete; but it has long been 
known that the last traces of dissolved air are extremely diliicult to expel 
(Seorcsby, 1888), and Ledue (1900) calculated that at least 1 c.c. of gas 
remains beliind in a litre of water even after thorough boiling. 

Aqueous solutions of hydrogen chloride, bromide and iodide behave 
differently. When a cold, saturated solution of one of them is heated, 
gas is evolved, with some w’ater vapour ; but even when the solution 
boils it still contains much dissolved gas, and eventually it distils at a 
constant temperature unchanged in composition. This latter is know’ii 
as a constant boiling solution. 

Hydrogen and the inert gases, with the ex(*eption, perhaps, of 
helium, are unusual in that they show a minimum solubility under 
atmosj)herie pressure. The minimum for hydrogen lies at 90° C. 
(Bohr and Bo(*k, 1891) ; for argon and xenon, at 40° C. ; for krypton, 
betw^een 80° and 40° (\ ; for helium, possibly at 10° ; and for neon, 

probably near 0° C. (Aiitropoff, 1910). Under high pressures nitrogen 
shows a decided minimum solubility (Goodman and Krase, 1981); 
this occurs, for exam])le, at 80° C. under a })ressure of 800 atmospheres, 
as the following data indicate : 

Temperature, °C. . 0 25 50 80 100 169 

j8 (under 800 atm.) . 8-60 8-25 2*99 2*80 2-91 3*83 

Rate of Dissolution of Gases in Water.—Comparatively little 
w'ork has been carried out on the velocity with which partially or 
completely de-aerated w'ater reabsorbs oxygen and jutrogen from the 
atmosphere. Two cases merit consideration, namely : 

(1) When the water is subjected to agitation, so that fresh surface 
layers are continually formed, the rate of gaseous absorption is then 
at its maximum. 

(2) When the water is (piiescent. In this case the process is not 
purely one of absorption follow ed by diffusion into the body of the liquid 
from the surface layers, as has generally been supposed. It is con¬ 
siderably more rapid than this. Experiment show^s that the gases do 
not remain concentrated in the surface layers, but tend to “ stream ” 
downw^ards under the inlluence of gravity, and tlius promote com¬ 
paratively rapid mixing. This is a point of very great biological and 
economic importance, for “ streaming ” has been shown to set up a 
process of mixing certainly to depths of 10 feet, and in all probability 
it proceeds to much greater depths. 

Mucli of the research on the subject is due to Adeney and his co¬ 
workers (1918), whose initial work was concerned with the rate of 
absorption of air by water under gentle agitation. They began with 
the assumption that, during the process of solution, the rate of pas¬ 
sage of gas into the liquid is proj)ortional to the partial pressure of the 
gas, p, and the area, A, of the liquid exposed. Simultaneously with 
absorption, however, evaporation of the gas into the air takes place, 
and its rate of escape is proportional to the liquid area and the gaseous 
concentration in the upper layers of the liquid. On this basis the 
following formula was derived : 

z<j«(100-u?i)(l-e v) • . * (2) 
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where = amount of gas in solution initially, expressed as a percentage 
of the total saturation. 

amount of gas dissolved after a given time 6 (expressed in 
minutes). 

j) = volume of water. 

^==Naperian logarithmic, base. 

/“coeflicient of escape of gas per unit area of liquid. 

Now/ varies both with the temperature and the liurnidity. For an 
atmosphere saturated with moisture the following values for f have 
been determined, the water being agitated gently to ensure thorough 
mixing : 

For oxygen . . /=0-0()96 (T-237) 

„ nitrogen . . /-0-0103 (T-240) 

„ air . . . /-0-0099 (r-239) 

T being the absolute temperature. 

An example will make the value of the foregoing equation quite 
clear. Consider a eul)ie decimetre of water at 2*5° C. and containing 
40 ])er cent, of its total saturation capacity for oxygen. If it ex]>oses 
one side (100 sq. cm.) to oxygen, how much gas will be dissolved in 
one hour under gentle agitation ? It is unnecessary to eonsider the 
pressure of the gas, since Henrj^’s Law^ is obej^^ed, and the desired 
result is to be calculated in percentage of total saturation. Since 
0=60, wq =40,/=0*0096 (275*5 -237), it is easy to (^alcidate that 

= 11 * 8 . 

In other words, after an hour the oxygen content will have risen from 
40 to approximately 52 })er cent, of saturation. 

Tlie rate of solution of oxygen in Avater does not ap[)ear to be 
retarded appreciably by a thin layer of ])etrol(‘um. 

The foregoing values for /Were determined experimentally for w^ater 
under gentle agitation in an atmosphere saturated with moisture. 
Such conditions are largely artiheial. 

For quiescent bodies of water the follow ing data have been obtained : 

Value of / 
at 15'’ C. 

Air dried over calcium chloride . . 0*61 

„ of average humidity .... 0*34 

,, nearly saturated wdth moisture . . 0*23 

These results are very striking, shoAving that dry air is nuudi more 
rapidly absorbed than moist air. This is interpreted as meaning that 
the process by which the dissolved gas is carried doAvn into the body of 
the liquid is influenced by the rate of evaporation of the liquid surface, 
this being at a maximum when the air is dry. In the ease of pure water 
this is merely a temperature effect, the evaporation causing a cooling 
of the surface layers and, at temperatures aboA’^e 4° C., a gravitational 
circulation. 

The effect of the addition of soluble salts is interesting, for density 
changes, consequent upon variation in the superlieial concentration 
of the solution, are superimposed upon the temperature effect, and 
with dilute solutions more rapid mixing is likely to occur. As the 
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concentration of the salt is increased, however, the vapour pressure 
of the solution and, hence, the rate of coolin^^ through evaporation, 
fall off, and this reduces the “ streaming ” effect. If, therefore, the 

rate of absorption of a gas 
through “streaming” be 
plotted against the concen¬ 
tration ot‘ dissolved salt, a 
(‘iirve of the type shown in 
tig. 135 is obtained. For 
sodium chloride solutions 
the optimum “streaming” 
effect is obtained at a con¬ 
centration of about 1 *5 per 
cent, of salt, with nitrogen 
as the gaseous ])hase. 

“ Streaming ” ])roceeds 
more rapidly at tempera¬ 
tures of 10'^ C. and upwards 
than l)elow this tempera¬ 
ture. 

Nature of the Solvent. 

—The influence of the 
nature of the solvent on the solubility of gases is very great. This is 
shown very weh by the following values (.lust, 1901) for the solubilities 
of nitrogen and carbon monoxide in various solvents at 25^^ V : 



P5 

NaCl, pen cent 

Fig. 135. —Rate of Absorption of Nitrogen by 
Aqueous Sodium Chloride Solutions. 


Solvent, 

Solubilit 

les (/) at-2r)^ C. 

kiO 

In,' 

Nitrogen. 

.. . 

Carbon Mono.xide. 

Water ..... 

0*0163 

0 0240 

1 47 

Aniline ..... 

ooaoT 

OOoSO 

1-75 

Carbon disulphide . 

00580 

0 0831 

1-42 

Nitrobenzene 

()()620 

0 0937 

1*50 

Benzene .... 

0116 

0171 

1-47 

Glacial acetic acid . 

0119 

0171 

1-44 

Toluene .... 

0123 

0181 

1-47 


It will be o)>served that the order of increasing solvent power of the 
liquids is the same for both gases ; further, the ratios of the solubilities 
of the gases in the different solvents are approximately constant. 

Volume Changes on Dissolution. —When a gas dissolves in a 
liquid in a purely physical manner the latter expands slightly, the 
amount of expansion being proportional to the volume of gas absorbed. 
Angstrom’s (1882) absorption dilatation coefficient, 8, is defined by 
the expression 

8 - Ex pansio n of solvent _ A F 
Volume of gas absorbed v 

V being the volume of gas absorbed under a pressure of 760 mm. but 
at the temperature of the experiment, whilst 
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AF=F~Fo 

where Fq and F arc the initial and final volumes of the solvent. 

S is thus independent of the actual solvent volume. From 
equation (3) it follows that 


where jS is Bunsen’s absorption eoelTieient. 

The following data refer to aqueous solutions at 0"^ C. (Angstrom) : 


Gas. 

Increase in Voliitne, 
AF, of Unit 
Volumo of Water 
when Saturated 
at 0" C. 

P at (F C. 

'•'T- 

Hydrogen 

00000204 

0 0214 

0-00095 

Nitrogen 

0()000294 1 

0-0235 

0-00125 

Carbon monoxide 

0 0000418 

0-0354 

0-00118 

Oxygen .... 

1 

0()00()474 

0-0489 

0-00097 


Influence of the Compressibility of the Solvent.—Since on 
solution of a gas in a solvent the latter tends to expand, it may be 
inferred that when the solution pressure of the gas is balanced by the 
resistance offered by the li(juid to further expansion, no more gas 
will dissolve. The li(|uid will then be saturated with the gas. 

Assuming the resistance offered by the liquid to expansion is 
inversely projiortional to its compressibility, (f), we should expect the 
ratio to show an api^roaeli to constancy (Ritzel, 1907). Such is 
often th(^ case, as is illustrated by thefollowdng data for carbon monoxide 
at 25° C, in various solvents : 


Solvent. 

Compressibility, 

^ X 10«. 

hy 

Ilf 

Acetic acid . 

87-5 

0-171 

1954 

Acetone 

121 0 

0-238 i 

1967 

Ethyl alcohol 

104-7 

0-192 1 

1833 

Benzene 

91-5 

0-171 

1870 

Toluene 

90-8 

0-181 

1993 


Influence of Dissolved Substances.—The presence of dissolved 
substances frequently affects very materially the absorption coeflicients 
of neutral gases. Since solutions arc less compressible than the pure 
solvents, a reduced solubility for gases is to be expected in view^ of the 
proportionality w^hieh has just been discussed. Several factors require 
consideration. 

(i) The dissolved substance itself may not be responsible for more 
than an inappreciable fraction of the gaseous absorption. In that 
case, in the absence of other disturbing factors, we should expect the 
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solubility coeflicient to be proportional to the amount of pure solvent 
in the solution. 

Chloral hydrate, CCI3CHO.H2O, affords an interesting illustration. 
For hydrogen gas the solubility eoeffieient j8 at 20^ C. in water is 
0*01883 c.e., or, what is very nearly the same thing, 1000 grammes of 
water are eapable of absorbing 18*83 e.c. of hydrogen gas. For a 7*69 
per cent, solution of chloral hydrate in water j8 at 20° C. is 0*01802 c.e,, 
that is, 1000 c.e. of solution can absorb 18*02 e.e. of hydrogen gas. 
Such a solution, however, contains only 052*4 grammes of water, so that 
for every 1000 grammes of water in the solution, 18*02 xlOOO ;-052*4 
or 18*92 e.e. of gas are absorbed. This is praeti(‘ally the same amount 
as found for pure water. 

(ii) In the case of aqueous solutions, the dissolved substance may 
combine with the water to form a hydrate. Now if the dissolved 
substance itself, as ])efore, has no ap])reeiablc effect upon the gaseous 
absorption, and if, moreover, the water “ fixed ’’ by hydration is like¬ 
wise unable to absorb the gas, it is clear that the fall in the absorption 
eoctlicient for the neutral gas will be greater than in the first ease 
considered. 

Assuming that no other disturbing factors are involved it becomes 
possible to calculate the average degree of hydration of the dissolved 
substance. This has been done for aqueous solutions of cane sugar, 
and the results are given in the following table : 


Hydration of Cane Sugar. 
(Philip, 1907.) 


Cane Sugar, 
per cent. 

Volume of Hydrogen Absorbed at 15° 0. 

Molecules of Water 
to 1 Molecule of 
Sugar. 

By 1000 c.c. of 
Solution. 

Calculating to i(K)0 
Grammes of Water. 

0 


18*83 


16*67 

15*61 

17*55 ’ 

6*.5 

80*08 

12*84 

16*27 

0*0 

47*65 

8*92 

13*95 

5*4 


It will be observed that the volume of hydrogen absorbed by 1000 
grammes of the water steadily falls as the sugar concentration rises, 
as is to be expected, for we have independent evidence that the cane 
sugar molecule is hydrated in aqueous solution. The extent of hydra¬ 
tion, as given in the fourth column, has been calculated as follows : 

The solution containing 16*67 per cent, cane sugar can absorb 
hydrogen to the extent of 17*55 e.c. per 1000 grammes of water, which 
is 1*28 c.c. less than for 1000 grammes of “free” water. Hence 
1 *28-T-18*88 represents the fraction of the total quantity of water which 
is attached to sugar, so that the average number of water molecules 
attached to one sugar molecule (molecular weight 842) is 

1*28 x88*88x842 
18*88 X 16*67 X18 “ * * 
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As the su^&r concentration, rises, the average molecular hydration is 
seen to fall. . ' 

Solutions of inorganic salts behave in an analogous manner, as do 
also those of alkalis and acids, and in the following table a few data 
are given illustrating the magnitude of the effect on the solubility of 
oxygen at 25° C. of semi-moleeular concentrations of salts: 


Solubility of Oxygen in Half-molecular Aqueous Solutions 
of Inorganic Salts at 25° C. 

(McArthur, 1916.) 




(rranimes 
|Kir litre. 

Relative 

Dissolved 

Relative 

Solubility. 

Salt. 


Density at 
25' C. 

()xygcn, 
e.(f. pm- litre. 

Water only 



1-000 

57-8 

100 

XaCU 

• 

23 

1017 

. 4!)-2 

85-1 

K(’l 


37 28 

1 020 

49-8 

86-2 

KNO3 . 

i 

• ! 

50-55 

J -029 

51-1 

1 

88-4 

Na.iS04 

1 

71-03 

1 

1063 

i 39-7 1 

68-7 

K2SO4 


87 13 

1-060 

38-9 

07-3 

MgCl, . 


47-6] 

1 '044 

43-7 

75-6 

BaCI^ 


10414 

1 082 

42-7 

73*9 


It is interesting to note tliat closely analogous salts in the foregoing 
table reduce the oxygen solubility by similar amounts. 

The average hydration of these salts can be calculated from the 
foregoing data in an analogous manner to that employed for cane sugar 
solutions, but the results are not capable of quite so definite an inter¬ 
pretation, because, unlike cane sugar, the salts are converted partially 
into separate ions in solution, and it is not yet possible to differentiate 
between the water attached to the salt molecules and that attached to 
the ions. 

(iii) A somewhat more complicated type than either of the pre¬ 
ceding is afforded by solutions of oxygen, hydrogen and carbon mon¬ 
oxide in mixtures of ethyl alcohol and water. Results obtained with 
oxygen at 20 ° C. (Lubarsch, 1889) are indicated in fig. 136. In all 
three cases a decided minimum occurs at approximately 30 per cent, 
alcohol, which corresponds approximately to CgllgOlI.OlIgO. Upon 
this slender basis alone, however, we could hardly postulate the 
existence of such a hydrate; nevertheless it is of interest to note that 
specific heat determinations also indicate the possible existence of a 
hexahydrate (p. 228). 

(iv) The solubility of sulphur dioxide in aqueous sulphuric acid 
solutions is interesting. A minimum occurs with 85-8 per cent. II 2 SO 4 , 
and from that point, as shown in fig. 137, the curve inclines 
sharply upw^ards for both increase and decrease of the acid concentra¬ 
tion. At the point of minimum solubility of the sulphur dioxide th^ 

yoii. I. 28 
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composition of the solvent closely approxiniatc^s to that required for 
the monohydrate H 2 SO 4 .H 2 O (namely, 84*5 per cent, acid), and it is 



Fig. 136.—The Solubility of Oxygen in Aqueous Solutions of Ethyl Alcohol. 


significant that other physical properties of the acid pass through 
critical v alues at this concentration. On plotting the observed solu¬ 
bility against the per¬ 
centage of acid up to 84*2 
ptT cent. H 2 SO 4 a straight 
line is obtained if the 
small deviations are re¬ 
garded as due to experi¬ 
mental error. By extra¬ 
polation the solubility in 
pure water is approxi¬ 
mately 10*0 grammes of 
sulphur dioxide per 100 
grammes of water. The 
(!urve also gives a solu¬ 
bility of approximately 
2-8 grammes of sulphur 
dioxide per 100 grammes 
of solution containing 84*5 
per cent, of sulphuric* acid, 
a composition correspond¬ 
ing to H 2 SO 4 .H 2 O. 

If, now, we assume 
that acpieous solutions of 
sulphuric acid of the high 
concentrations under dis¬ 
cussion consist essentially 
of a mixture of water and 
II 2 SO 4 .H 2 O, the solubility 
of sulphur dioxide in any 
particular concentration of acid may be regarded as made u}) of two 
quantities, namely, that in the free water and that in the monohydrate. 
From the foregoing extrapolated data we can then calculate the 



Fig. 137, —Solubility of Sulphur Dioxide in Sulphuric 
Acid at 20*' C, 
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solubility. Thus, consider the solubility, Sy in a solution (‘ontaining 
08*9 per cent. H 2 SO 4 , equivalent to 81-5 per cent. H 2 SO 4 .II 2 O. The 
Itcc water is then 100 -81*5 or 18-5 grammes. Then 


^,18*5 xlO O 
100 


81*5 X 2*8 ^ 

+ ——-—==4*13 grammes. 


The observed value was 4*16 grammes. 

The following results have been obtained in this way : 

H 2 SO 4 (per cent.) . . 5.01 .09-6 61-6 68-9 74-1 78-3 80-2 82-.0 84*2 

.S(calo.) . . . .0*3t 492 4-7() 4 13 3 09 3*33 3-17 2*97 2-83 

a 8 (obs., Milofs and Fenton) O Ja 4-99 4-82 4 16 3-63 3-23 3 12 2-99 2-88 

The agreement is very close, and supports the assumf)tion made. 

Dissolution of Gases in Molten Metals. - Gases frequently are 
soluble in appreciable amounts in molten liquids ; indeed, in some 
cases their solubility is so great as to introduce irregularities into 
metallurgical })roccsses. For example, molten silver absorbs some 
twenty times its own volume of oxygen ; the dissolved gas is largely 
ex])elled, though not completely, at the moment of solidilieation of the 
nu-tal, and th(‘ ])henomenon of s])itting ” is thus produced. In this 
connection the following data are of interest: 

Temperature, ”C. . . 923 973 1024 1075 1125 

c.c. Oxygen dissolved in 

1 e.c. Silver . . 0-59 20-28 19-53 18-42 17-50 

(iSolid) (Liquid) 

Silver melts at 960° C., and oxygen is thus seen to be only slightly 
soluble comparatively in the solid metal. 


The Dissolution of Gases in Solids (Occlusion). 

Gases have the i)owTr both of diffusing through, and of being retained 
by, solid substances, and some of the j)henomena observed are to be 
interpreted as due to the formation of a true solution, analogous to 
that obtained wdien a gas dissolves in a liquid. The term occlusion 
(Latin occludo, 1 shut up) was used first by Graham in 1860 to signify 
the absorption of gases in solid substances. Metallic palladium ]>ossesses 
to a remarkable degree the powxr of occluding certain gases, the actual 
extent of the occlusion depending upon the physical condition of the 
metal. The occlusion of hydrogen by palladium foil is readily shown 
by passing an electric current through acidified W'atcr, using a platinum 
anode and a plate of palladium, just previously heated to redness, as 
cathode. Oxygen is evolved freely from the anode, but no bubbles of 
gas are liberated at the cathode until the ])alladium has become 
saturated with gas, after which hydrogen is freely evoh ed. 

Graham observed that palladium which has been ignited in vacuo 
absorbs large quantities of hydrogen at ordinary temperatures and 
slowly yields it up again upon exposure to air. In a vacuum the gas 
is rapidly and almost comj)letely evolved at 100 ° C. In experiments 
in which the foil wqis heated in hydrogen and allowed to cool in the 
gas, the metal absorbed 643 times its own volume of hydrogen, whilst 
m later experiments specimens of palladium wire w ere found to absorb 
over 900 times their volume of hydrogen. Under the impression that 
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the hydrogen had condensed to a solid and was behaving as though it 
had formed an alloy with the palladium, Graham termed it “ hydro- 
genium,” to indicate its supposed metallic nature. Other chemists 
suggested that a definite chemical compound w^as formed by union of 
the hydrogen and palladium, to which the formulae 
PdgH and PdHg were variously given. But the theory 
of physical solution was strongly supported by the 
work of Hoitsema in 1895, The variation in the amount 
of hydrogen absorbed with the pressure was studied 
at various temperatures. 

In order to appreciate the line of attack, let us 
assume the palladium to lie at the bottom of a 
cylinder filled w^ith hydrogen gas and closed with a 
perfectly-fitting, frietionless piston (fig. 138). If at 
any one temperature a definite hydride is formed, 
then, by pressing the piston down and thus reducing 
the volume of hydrogen, no increase in pressure should 
be observed until the ^vhole of the metal has been 
coiiA'crted to hydride. 

Fio. 138. On plotting the hydrogen absorbed against the 

hydrogen pressure at different temperatures, the curves 
were found to consist of three portions, namely, (i) a preliminary rise in 
pressure with hydrogen content, followed (ii) by an almost stationary 
pressure with rise of absorbed hydrogen, and (iii) a further rise in pressure 
(see fig. 139). At first 
glance the horizontal 
portion of each curve 
appears to indicate the 
formation of a com- JJ 
pound, but this is nega- ^ 
tived by the fact that <3 
the length of the central ?! 
horizontal portion not ^ 
only diminishes with rise c; 
of temperature, but it 5 
does not end at the 
same concentration of ^ 
hydrogen, marked A in ^ 
the figure, as would 
otherwise be ex])ccted. 

The absorption of hy¬ 
drogen, therefore, is phy- Co/7C€fttr^thn oF dbsotbed Hydrogeff 

sical and not chemi- „ 

cal. This conclusion is 

supported by the results obtained by X-ray examination. The crystal 
structure of the palladium shows no abrupt change on saturation with 
hydrogen, and the data generally are inconsistent with the formation of 
a hydride (McKeehan, 1923). 

At low pressures the concentration of hydrogen dissolved in the 
metal is proportional to the square root of the pressure, that is 

iS7\/p==const. 

This is taken to mean that the dissolved hydrogen is mainly monatomic 
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and in equilibrium with the gaseous diatomic molecules. Thus 

Ha ^ 2H 

Gaseous. Occluded. 

In the case of a metal capable of forming more than one stable 
oxide there is some evidence that oxygen can dissolve in the lower 
oxide at a temperature above that at which the higher oxide decom¬ 
poses (Le Hlanc, 1926). 

Porous substances, such as charcoal, have the power of absorbing 
gases. Pertain features of this absorbent action resemble the solution 
of gases in liquids. Thus, with charcoal, the extent of absorj>tion 
depends, like that of a gas in a liquid, 

(1) On the nature of the gas, the most easily liquefied gases being 

absorbed to the greatest extent (see p. 345). 

( 2 ) On the temperature. 


Both of these facts are illustrated by the following table of results 
obtained by Dewar (1904) : 



Volume absorbed by 1 ca\ 



of Charcoal. 


Gas. 



Boil inf; l^oint, 




Abs. 


0" C. 

- 1H5 (J. 



c.c. 

e.e. 


Helium .... 

2 

15 

4-5 

Hydrogen .... 

4 

135 

20-5 

Nitrogen .... 

15 

155 

77 

Carbon monoxide 

21 

190 

83 

Argon .... 

12 

175 

87 

1 

1 

1 

! 

18 

230 

00 


As one might expect, the amount of gas absorbed increases with fall 
of temperature. But even at -185° C. helium is absorbed only to a 
relatively slight extent, and this fact is the basis of Dewar’s method of 
isolating pure helium. The mixed gases are introduced into a suitable 
form of apparatus, such as that indicated in fig. 140, filled with coconut 
charcoal and immersed in liquid air in a Dewar flask. After half an 
hour the pure helium is pumped out, leaving all other gases occluded 
in the charcoal. An analogous method is also used for separating the 
rare gases of the air, and for producing high vacua. 

The absorption of helium in charcoal follows Henry’s Law. But 
this is exceptional for gases, and the question arises as to whether or 
not we are justified in regarding their absorption in solids as true 
solution. 

In 1909 McBain was able to prove that the process occurring in, 
for example, the absorption of hydrogen by charcoal, is actually a 
combination of two processes—namely, a surfa<‘e condensation termed 
adsorption, which takes place rapidly, followed by a slow diffusion 
into the interior of the solid, with the formation of a true solid solution. 
In view of this fact McBain proposed to employ the non-committal 
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term sorption when referring to the absorption as a w^holc, to call the 
diffusion of gas into the interior absorption, and to restrict the word 
adsorption to the first stage of “sorption,” namely, the surface (con¬ 
densation. The suhj('et of adsorption is 
To Tdpier Pump dealt with more fully later (Cluip. XXI). 


Tiir: Dissolution of Liqinns in 

liKjriDS. 

Considerable variation is possible in 
the limits of solubility of licpiids. Some 
licpiids are able to mix in all pro])ortions 
over considerable rang(‘s of tem])erature. 
Such is the ease with methyl or ethyl 
alcohol and w'ater, and it is c'asy to pass 
from what may be termed a solution of 
alcohol in water, by successive additions 
of alcohol, to a solution of water in 
alcohol, the latter In^iiid b(dng so much 
in (‘xeess as to merit the tcTin solv(*nt, 
the water being the solute. The dis¬ 
tinction between the two terms “ solvent ” 
and “ solute ” is, of eonrs(‘, purely (con¬ 
ventional. Zinc and cadmium, zinc and tin, lead and tin, etc. provide 
examples of the same nature among fused nudals. 

The majority of liquids do not mix in all proportions with water at 
the ordinary temperature ; in otluT words, they are only partially 
miscible with water. When phenol is added to water, two layers are 


K 

Z 
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Fia. 141.—Solubility Curves for Water and Phenol (Rothmund, 1898). 

produced, the upper one consisting of a solution of phenol in water, 
the lower of wat(?r in phenol. The two layers arc spoken of as con¬ 
jugate solutions, for the reason that, on suflieicntly raising the 
temperature, if the solubility of each in the other increases as the 
temperature rises, or lowering it if the mutual solubility decreases 
with rise of temperature, a point is reached ultimately at which the 




Fig. 140. 
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composition of each layer is the same, and the two constituents then 
mix in all proportions. On gently warming and shaking, the phenol- 
water mixture becomes opalescent at about 08° C., and at 68*3° C,— 
termed the critical solution temperature, or less frequently the 
consolute temperature —the two liquids become entirely miscible. 
This is shown by fig. 141. For a given ])ressure this temperature is 
a well-defined point and 
is iVe<piently termed th(‘ 
upper or superior criti¬ 
cal solution tempera¬ 
ture. Snell iilunomena 
are by no means confined 
to water and organic sub- 
staiK'cs. Zinc and bismuth 
in the liquid slate mix 
simiJarl\7'in all proportions 
at and above 050° C., this 
being the up])er critical 
solution tcnqieraturc for 
the two metals, and below 
this point separation into 
two layers occurs. 

The solubility of tri- 
ethylamine in water is 

represented in fig. 142. This is the reverse of the phenol-w^atcr curve, 
since below 18° U.—the lower or inferior critical solution tempera¬ 
ture— the two liquids are miscible in all ])ro]iortions, and oidy separate 

into conjugate layers at 
and above that tem¬ 
perature. If, therefore, 
a solution containing, 
say, 20 per cent, of 
triel hylamine at tem¬ 
peratures below 18° C, 
be gently warmed to 
above that temperature, 
the liquid becomes 
turbid. 

In the case of tri- 
ethylamine and water 
an upper critical solu¬ 
tion temperature has 
not been realised, but 
ill several other similar 


Fm. 142.- 


- Solubility of Triot hylamine in Water 
(Rothmund, 1S98). 



Temperature, 

Fio. 143.—Nicotine-Water System (Hudson, 1904), 


systems it has. The first example to be discovered was that of nicotine 
and water (Hudson, 1904), the curve for which is shown in fig. 143. Below 
60° C. and above 210° C. the two liquids mix in all proportions. The 
system thus possesses both an upper and a lower critical solution 
temperature. 

From the foregoing it will be evident that many pairs of liquids, 
which we regard as miscililc in all proportions simply because they 
are so at ordinary temperatures, may prove only partially miscible it 
the temperature' is raised or lowered. An example is afforded by 
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the system carbon disulphide-ethyl alcohol. These readily mix in all 
proportions under ordinary conditions, but below 14-4° C. they are 
only partially miscible (Guthrie, 1884). This temperature, therefore, 
is their u]>per critical solution temperature and corresponds to 68-3® C, 
on the phenol-water curve (fig. 141). 

Influence of Pressure on Miscibility. —The critical solution 
temperatures are affected materially by pressure. Thus, between 
1 atmosphere and 100 atmospheres an increase in pressure of 1 atmo¬ 
sphere raises the lower critical solution temperature of the system 
triethylaminc-water (see lig. 142) by 0*021® C. Similarly, the upper 
critical solution temperature of the system propane-methyl alcohol is 
lowered 0*044® (\ per atmosphere (Kuenen, 1903). If, now, pressure 
be applied to a closed ring system, such as that of nicotine and water, 
it will cause a rise of the lower and a fall of the upper critical points,* so 
that the area enclosed by the ring will steadily diminish until finally 
it disappears at what is termed the critical solution end-point. 
At this point, which has been completely determined with regard to 
pressure, temperature and concentration, since the ujiper and lower 
critical points have now coincided the two liquids are completely 
miscible. Further increase in pressure will not affect the miscibility, 
but reduction of the pressure will cause separation of the constituents 
again. 

At the ordinary temperature y-picoline is completely miscible with 
water, and resembles the nicotine-water system at a temperature very 
slightly above its upper critical solution temperature. If, therefore, the 
pressure be redueed, opalescence will be observed owing to separation 
of the system into two phases (Flaschner, 1909). In the majority of 
cases it may not be possible to reduce the pressure sufficiently to effect 
separation, but the same effect can be produced by the addition of a 
soluble substance. 

Influence of Dissolved Substances on the Critical Solution 
Temperature. —The addition of a third substance to a pair of con¬ 
jugate solutions may be aceom}>anied by very appreciable changes in 
the critical solution temperatures. If the third substance is soluble in 
one of the liquids only, the mutual solubilities of the two original 
liquids are diminished, so that the upper critical solution temperature 
is raised, whilst the lower one is depressed. The effect is thus similar 
to that of decreased ])ressure, already described. If, on the other 
hand, the third substance is soluble to the same extent in both con¬ 
jugate layers, the mutual solubility of the two original liquids is 
increased, wdth the result that the upper critical solution temperature 
is depressed, whilst the lower one is raised. In this case the effect is 
similar to that of increased pressure. 

The critical points are very sensitive to the presence of dissolved 
substances. Thus, 0*6 per cent, of sodium chloride raises the critical 
point of the phenol-water system by 10® C, This forms the basis of a 
method of testing the purity of substances (Crismer, 1895), and has 
been found useful in detecting the adulteration of fats where ordinary 
chemical analysis may be difficult or even impossible. 

Volume Changes on Dissolution.—When two mutually soluble 
liquids are mixed there is frequently a change in volume, and if 

• SysteiBB are known in which pressure raises the upper critical solution point. Tho 
accompanying remarks do not apply to such systems. 
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chemical combination occurs the change may be very pronounced. 
When ethyl alcohol is mixed with water the solution occupies a smaller 
volume than the two uiimixed constituents, a maximum contrac^tion 
of 3*6 per cent, of the original volume occurring with 46*3 per cent, 
by weight of alcohol, corresponding approximately to the composition 
C 2 H 50 II, 3 ll 20 . It is frequently assumed, therefore, that ethyl alcohol 
combines with water to form a trihydrate. Similarly, a contraction 
occurs when sulphuric acid and water are mixed, maximum density 
occurring with a solution containing 97*5 per cent, of H 2 SO 4 . The 
change in volume is sometimes utilised in determining the percentage 
of H 2 SO 4 in the concentrated acid. If in a 300 c.c. graduated flask 
200 c.c. of the acid under investigation are added to 100 c.c. of water, 
then after restoring the temperature to 15° C. a contraction is evident ; 
its amount can be measured by the addition of an inert liquid (for 
example, vaseline oil) from a burette to the mixture until the 300 c.c. 
mark of the flask is reached by the level of the liquid. The contraction 
with acid of various strengths is as follows : 

rontraction, (‘.c. . 24*1 21*2 18*5 16*1 13*9 

H 2 SO 4 , per cent. . 98 96 94 92 90 


Purely physical admixture of two organic liquids is usually accom¬ 
panied by very little, if any, change in total volume. Thus, equi- 
mole(*ular volumes of the following pairs of substances were mixed, and 
their final ^^olumes expressed as percentages of the sum of their initial 
volumes (Young and Fortey, 1902 to 1903): 


Mixture. 

Toluene + ethyl benzene . 
Hexane + octane 
Carbon tetrachloride + benzene 
Benzene + toluene . 
C’hlorobenzene + bromobenzeiic 


Fiml Volume 08 
per cent, of Original. 

. 99*966 

. 99*966 

. 99*849 

. 100*161 
. 100*000 


Methods of Determining the Mutual Solubilities of Liquids. 

—One of the most convenient of these is the synthetic method of 
Alexejeff (1886), in which known quantities of solvent and solute are 
introduced into a suitable vessel and the temperature at which complete 
mixing occurs is determined. For example, in determining the solu¬ 
bility of phenol in water, known quantities of the two are weighed into 
a tube which is suitably closed. If, upon shaking, a milky appearance 
is obtained, the tube is warmed in a bath until, on shaking, the opalesc¬ 
ence just disappears. Upon slightly cooling, the opalescence re-appears, 
and the experiment may be repeated as often as desired ; the rnean 
temperature of disappearance of the opalescence is the point required. 
This is j)referable to taking the mean of the disappearance and re¬ 
appearance of the opalescence temperatures, as the latter may be 
retarded by supersaturation, and thus give a value for the temperature 
that is slightly too low. 

This method possesses many obvious advantages: only small 
quantities of the materials need be taken ; the composition of the 
mixture is known, so that analysis, which may be tedious, difficult, or 
even impossible, for the accuracy required, is unnecessary. Further, 
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if the tube is efReieiitly sealed, there is no loss through volatilisation, 
and there need be no fear of oxidation by contact with air. It is true 
that in the case of st*a1ed tubes the pressures vary with the temperature 
(see previously), but the influence of (^hangc of ju'essure is in general 
so small that in all ordinary cases it may b(^ neglected. 


The Dissolution of Sotjds in Liquids. 


In no case will a solid dissolve to an unlimited extent in a liquid. 
The influence of various hictors, siudi as rise of temperature, on the 
solubility, has therefore to be dettmiiiu-d. The results are expressed 
numerically, as grammes (or gramme-molecules) of solid taken up by 
a fixed amount of solvent, or as grammes of solute in a fixed amount 
of solution. 

The solubility of a solid in a liquid is influeiUTd by many factors, 
such as the nature of both solute and solvent, the temperature, the 
pressure, and the size of the })arti(*les constituting the solid j)hase. Let 
us deal with each of these. 

Nature of Solute and Solvent.—Although it is dillicult to 
enunciate any universal rules connecting the solubility of a substance 
with the nature of the solvent, the following ])oints clearly indicate the 
inter-dependence of solute and solvent on one another. 

The majority of normal inorganic salts are soluble in water. This 
is the case for all nitrates and most of the chlorides and sulphates. 
The chlorides of silver and divalent lead, and of monovahait e()})per 
and mercury, are but sparingly soluble in water, but of these metals 
only silver is exerting its maximum valency. The chlorides of divalent 
copper and mercury are readily soluble in water. The sulphates of 
calcium, strontium, barium and radium are only s])aringly soluble in 
water, their solubilities at 18^ C. expressed as nulli-ecpiivalcnts per litre 
being : 


Laleium sul[)hatc 
Strontium ., 
Barium 
Radium 


29*5 

1-24.5 

0-019 

0-00013 


The progressive decline in solubility with increase in atomic weight of 
the metal is very pronounced. The solubility of radium sulphate, 
although very small, is nevertheless very definite ; indeed it is doubtful 
if any substances are absolutely insoluble, so that the terms “ soluble ’’ 
and “ insoluble ” must be regarded as relative. 

Increase in atomic weight of the metal does not always mean a fall 
in solubility of the salts. Thus, in general, the alkali halides show a 
progressive increase in solubility with rise in atomic weight, but the 
reverse is the case with the chloroplatinates and alums. Lithium 
chloride is exceptional, but the solid phase in equilibrium with the 
saturated solution at 20® C. is hydrated, namely LiCl.H20. Combination 
of solute and solvent naturally introduces disturbing factors, and usually 
enhances the solubility of the solute, as witness also sodium hexachloro- 
platinate (see following Table) and silver fluoride (see p. 368). 

Similarly the solubilities may vary progressively with the weight 
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Solubilities of Alkali Salts. 

(Granmies per 100 grammes of water.) 



H(‘xa<;hloro- 

})latinates, 

(IH'-' 0.) 

Alums, 

M*S()4.AL(S()4).,.24H2(). 

(2(r (^j 

Fluorides, 

MF. 

(18^' a) 

Chlorides, 

MCI. 

{2(Y- C.) 

Lithium . 

\'(‘ry greal 

No alum 

(>•27 

83 5 

Sodium 

r. M)* 

121 t 

4*5 

35*9 

I^otassiuni 

1 03 

1140 i 

02*3 

34*5 

Rubidium 

0O2H3 

2*50 

130*(i 

9]*1 

C'icsium 

i 

o-oosr. 

0 (55 

3(5(5 *5 

180*5 


* The sodium salt is hydrated, thus Na^PtCIg.CILO. 


of the negative radieal, as shown by the halides of silver, whose 
solubilities at 20 ° C. are given ])elow in grammes per 1000 grammes of 
wat(‘r : 


Silver fluoride, AgF. 2 ll 20 
,, ehloride, AgCl 

,, bromide, AgDr 

,, iodide, Agl . 


1720 

000150 
0*000081 
0*0000028 


Basie salts generally are insolubh* in water; acid salts, on the other 
hand, usually are soluble. 

Substanees containing an hydroxyl group frequently are soluble 
in water. Many metallic and non-metallic hydroxides fall into this 
(category. Amongst organic eomjKmnds it is a general rule that the 
introduction of hydroxyl increases the solubility. For example, the 
following derivatives arc either completely miscible with water or 
readily soluble in it : methyl alcohol, ClIgOH, ethyl alcohol, CgH^OH, 
glycerol and the sugars ; acids, such as formic acid, HCOOH, acetic 
acid, CH3COOH ; the phenols, such as ordinary phenol, CgHgOH, 
resorcinol, CgH 4 {OH) 2 , and pyrogallol, C 6 n 3 (OH) 3 . The hy’^drocarbons 
corresponding to these, namely, methane, CH 4 , ethane, CgHe* and 
benzene, are ])ractieally insoluble in water. The CO and NHg 

groups likewise tend to im]>art solubility in >vater. 

The metals are not ap])reciably soluble Jis such in water. The alkali 
and alkaline earth metals readily disap])ear in water, but that is due 
to chemical solution, their hydroxides being produced. Many metals, 
how^ever, are soluble in mercury, amalgams being produced. 

llie solid non-metals likewise are practically insoluble in water. 
They do not, like the metals, undergo physical solution in mercury, 
but it is characteristic* of them to dissolv^e in carbon disulphide and 
in many^ organic solvents. For example, sulphur is w ell knowui to be 
soluble in carbon disulphide, and one nicthod of estimating the amount 
of sulphur in commercial samples consists in digesting with this solvent 
and from the density of the resulting solution calculating the percentage 
of sulphur present by the aid of empiric^al tables. 

Hydrocarbons are insoluble in water, but readily dissolve in other 
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hydrocarbons. Esters are soluble in alcohols and ethers, which solvents 
may be regarded as the organic counterparts of water. 

From the foregoing generalisations it is evident that the eoin})osition 
of the solute alone docs not determine its solubility in a liquid. No 
substance is equally soluble in different solvents, and the nature of 
the solvent must also be considered. This is strikingly illustrated by 
the data given in the accompanying table for the solubility of potassium 
iodide in various solvents: 


Solubility of Potassium Iodide in Various Solvents. 

(Walden, 1906.) 

(Grammes KI per 100 grammes Solution at 2.5® C.) 


Solvent. 

Formula. 

Dielectric 
Constant 
at • C. 

Solubility. 

Water .... 

ii^o 

77 95 

59-54 

Methyl alcohol . 

(iisOir 

2 

14-97 

Acetonitrile 

CII,CX 

80 4 

2-00 

Bithyl alcohol 

CJTbOII 

25-8 

1 92 

Acetone .... 

cH^cocir., 

250 

1 80 

Nitromethane 


40-4 

0-81 


It was considered possible that there was some connection between the 
dielectric constant, c, of the solvent and the molecular solubility of the 
solute. The data at one time appeared to favour the view that 

= constant 

Us 

where S is the molecular percentage solubility of the solute, defined by 

lOOn 

n+N 

where w and N are the numbers of molecules of solute and solvent 
respectively in the solution (Walden, 1908). According to this equation 
liquids with the highest dielectric constants should be the best solvents. 
But further research has shown that this coincidence was largely 
fortuitous, and that no simple connection appears to exist between the 
two (Turner and Bissett, 1914). 

Influence of Temperature upon Solubility. —This is well illus¬ 
trated by the various solubility curves shown in fig. 144. A differen¬ 
tiation can be made by classifying the curves according as they are 
continuous or exhibit sharp changes of direction. 

1. Solubility Curve Continuous -—Several different types exist: 

{a) The solubility increases progressively with rise of temperature 
—rapidly, as with silver nitrate, or slowly, as with sodium 
chloride. 

(b) The solubility decreases with rise of temperature, as with 
lithium sulphate and the sulphates of the rare earth metals 
with calcium chromate, etc. 
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(c) The solubility increases to a maximum and then diminishes. 

For example, gypsum. 

(d) The solubility decreases to a minimum and then rises, as 

exemplified by calcium acetate and calcium propionate, and 
also by anhydrous sodium sulphate, the minimum in this 
case occurring at about 120° C. 

The solubility of a substance in water is closely connected with the 
heat evolved or absorbed when solution occurs. Many substances 
absorb heat on passing into solution, and 
in such cases the solubility increases with 
temperature. In general, the greater the 
heat absorption, the more rapid is the rise 
in solubility with the temperature. Salts 
capable of crystallising with water evolve 
heat when added to w'ater in the anhydrous 
form, and it is found that the solubility 
of the anhydrous form usually decreases 
with rise of temperature; this is the case, 
for example, with anhydrous sodium sul¬ 
phate, as mentioned above (see fig. 147). 

Van’t Hoff gives tw^o rules, which, ^ 
although applying in theory only to the 
solution of a substance in a solution EJ 
already practically saturated, usually hold 
for ordinary solution. The rules are as Jj 
follows: g 

(i) If a substance on solution evolves 

heat, rise of temperature will tend 
to reduce its solubility. 

(ii) If the substance absorbs heat on 

solution, rise of temperature will 
cause an increasing amount to 
pass into solution. 

A moment’s consideration will show 
that these rules are strictly in accord with 144.—Nubility of Salts in 

the theorem of Le Chatclier (p, 23). ^ 

Knowing the solubility of a substance at two different temperatures, 
it is possible to calculate its heat of solution in the solvent, as shown in 
Vol. II, provided no disturbing reactions are involved, such as ionisation 
or association. In the case of succinic acid, the ionisation in aqueous 
solutions is very slight, and the calculated value for the heat of solution 
agrees very satisfactorily with that found by direct measurement. 

Certain substances, such as sodium hydroxide, do not appear to 
conform to these principles. Their heat of dilution is great and acts in 
opposition to the heat effects under consideration. 

The solubility curve for calcium chloride hexahydrate (fig. 145) is 
of interest. On adding the anhydrous salt to ice, some of the latter 
melts, the salt dissolves and the temperature falls, the ice and the solu¬ 
tion remaining in equilibrium. By proceeding in this manner we can 
travel along AB to the cryohydric or eutectic point B, at ~ 55° C., 
where ice, calcium chloride hexahydrate and solution are in equilibrium, 
and where all tteee can therefore exist together permanently. AB is 
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thus the fusion curve for icc in contact with the solution of calcium 
chloride. On addition of more of the salt and raising the temperaiun;, 
ice disappears, the solution takes up more salt and the solid phase is now 
the pure hexahydrate. The curve BC is thus the ordinary solubility 
curve. At C the concentration is so high that the water of crystallisation 
is ample to effect complete solution of the salt. C, therefore, is the 
melting point of the hexahydrate, and since the liquid has the same 
composition as the solid, C is the true or congruent melting point 
(see p. 183) of the salt. If now’ we add anhydrous calcium chloride to 
the system, the solubility (‘urve turns back in the direction Cl). At 
therefore, the salt appears to possess twx) solubiliti(‘s re})rescnted by 
D and 1)'. This, how’ever, is not the best way of looking at the 
problem. CD really represents the fusion eur^*e of the hexahydrate, 



and addition of one of the lower hydrates or the anhydrous chloride 
causes the hexahydrate to melt at a lower temperature, just as the 
successive additions of the salt to the ice in the Jirst instance caused the 
melting point of the ice to fall from A to B. 

2. llie Solubility Curve Exhibits Sharp Breaks. —Tw^o possible 
causes, namely, a chaJige of polymorphic form or a change of hydration, 
will give rise to a sudden break in the curve. The former case is illus¬ 
trated by ammonium nitrate, which is capable of existing in no fewer 
than five crystalline forms. Of these the ^-rhombic passes into the 
y-rhombic variety at about 32'" C., and at this tem])eraturc a break 
occurs in the solubility curve (fig. 146). 

The effect of change of degree of hydration in the case of those 
substances that can combine with w^ater is shown by the solubility 
curve of sodium sulphate (fig. 147). Below 82-4° C. in air, or 82*6'’ C. 
under the pressure of its own vapour only, the stable form of this salt 
crystallises with 10 molecules of water, but above this temperature the 
anhydrous salt is stable. This transition point is sharply marked by a 
break in the curve. It is possible experimentally, however, to follow 
the curve CB into the metastable region, atid by “ seeding,” that is, 
adding a crystal of a salt isomorphous with the particular form it is 
desired to obtain, to attain the mctastable transition point D and to 
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follow the solubility curve of the metastable heptahyclrate. Owing to 
its great solubility, the tetrahydrate cannot be reached in this way even 
by most careful “seeding,’’ but it can be obtained in solid solution with 
the corresponding chromate, Na 2 Cr 04 . 4 H 20 . 



Tio. 146.—Solubility of Ammonium Fig. 147.—^Solubility of Sodium Sulphate in Water. 

Nitrate in Water. 


The system ferric chloride-water is of considerable interest, in view 
of the large number of hydrates that exist. In fig. 148 AB represents 



Fig. 148.—Solubility Curves of the Hydrates of Ferric Chloride (Roozeboom, 1892). 

the various states of equilibrium between ice and ferric chloride 
solution, a minimum temperature being reaelu'd at the cryohydric 
point B. At this ])oint ice, solution and the dodecahydrate of ferric 
chloride, 2FeCl3.12H20, are in equilibrium. If the mixture is now 
warmed, the ice will melt and the dodecahydrate will pass into solution, 
as indicated by the curve BCH. At 37° U. the dodt'cahydrate melts, 
and further addition of anhydrous ferric chloride lowers the temperature 
which the remains in equilibrium with the solution 
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until C is reached at 27-4° C. At this point the dodecahydrate and 
heptahydrate, 2FeCl3.7H20, are able to exist together. The curve has 
been followed in the direction of the broken line CH to 8° C., the solution 
being supersaturated with respect to the dodecahydrate. Similarly the 
curve ED has been followed backwards until it intersects the previous 
curve at H (15° C.). At this point the dodecahydrate and pentahydrate, 
2FeCl3.5ll20, can exist together, although both are nietastablc in this 
area, because the heptahydrate is not immediately formed. From B to 
the maximum temperature of 37° C. the curve is the solubility curve of 



/O' 20" 30" 4(f 50" 6(f 70* 60* 90* 100* 

Temperature 


Fig. 149,—Solubility Curves of the Hydrates of .Thorium Sulphate. 

the dodecahydrate ; at 87° C. this hydrate melts, and from this point on 
to C the curve is retroflex, and represents the fusion curve of the dodeca¬ 
hydrate. It will be observed that each hydrate has a definite melting 
point, a direct solubility curve and a retroflex solubility or fusion curve. 

The solubility curves of the hydrates of thorium sulphate are shown 
in fig. 149. The ennea- and tetra-hydrates present a contrast in 
properties, since the solubility of the former increases with rise of 
temperature, whilst that of the latter decreases. The two curves 
intersect at B, at which point both salts are in equilibrium with one 
and the same saturated solution. If the temperature is lowered from 
this point the enneahydrate will separate out; if raised, the tetra- 
hydrate will separate. Nevertheless, each hydrate can exist in a 
metastable state, so that the solubility curve of the enneahydrate has 
been traced up to 55° C. (C) and that of the tetrahydrate down to 
18° C. (E), Thus, whilst the true equilibrium between these two salts 
and their saturated solution occurs at B, there is not necessarily a 
transformation of the one salt into the other through the 
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the solution when this temperature is depai-ted from, though the 
further the temperature is removed from B towards E or C the more 
likely is it that the respective transformation into the (‘luiea- or tetra- 
hydrate will take pla(‘e. Under conditions favourable to the production 
of the enneahydratc it frequently happens that the oetahydraU; is 
obtained. The solubility of this hydrate is given V)y the broken line 
FG, and that of the hexahydrate by IlK. As both these salts are 
nietastable in contact with water, 
they are gradually converted into 
the enneahydratc, but the rate of 
change is slow. ^ 

Breaks in the solubility curves O 
with rise of temperature are by no 
means confined to aqueous solu- 
tions. Thus, in fig. 150 a break is 
seen to occur at 17*4° C. in the ^ 
curve for lithium chloride in ethyl 
alcohol, the solid phase below this (q 
temperature being the tetra-alco- ^ 
holate, whilst above 17-4° C. c: 
anhydrous lithium chloride is the o 
stable phase in contact with the § 
solution. 

Influence of Pressure upon 
Solubility. — In 18(53 Sorl)y con¬ 
cluded that a rise of pressure in¬ 
creases the solubility of those 
substances which dissolve in a Fu^. ir)0.---Solubility of Lithium Chloride in 
liquid with contraction of volume, Ethyl Alcohol {Turner and Lissett, 1913). 
but that it decreases the solubilii y 

of such substances as dissolve with an increase in volume. This is in 
harmony with the theorem of Le C'hatelicr (sec p. 23) and is illustrated 
by the following data: 



The Effect of Pressure on Solubility. 

(von Stackelberg, 1890.) 



Change t>f 
Volume on 

Grammes of Salt in 100 grammes of 
Solution at 18 ' C. 


Solution in 
Water. 

1 Atmos. 
Pressure. 

400 Atmos. 500 Atmos. 
Pressure. Pressure. 

Sodium chloride 

Contraction 


27 0 

Ammonium chloride 

Ex))ansion 

27 2 

25-8 

Alum . 

Contraction 

115 

14-2 


Physical Condition of the Solid Phase. —As long ago as 1870, 
Stas observed that the solubility of silver chloride varies with its 
method of preparation, the following results being obtained : 

VOL. 1. 
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Solubility. 

FJooculcnt silver chloride . 0-0140 granime/litre at 20® C. 

Powdered ,, „ . 0*00()() ,, ,, 17® C, 

Granular ,, ,, . 0*001 ,, ,, 15® C. 

Clearly the smaller the particles of the salt, the fjreatcr the solubility. 
This is further supported by data obtained for the sul])hatcs of calcium 
and barium at 25° C.: 


Influence of Size of Particle upon Solubility at 25® C. 
(Hiilett, 1901.) 


Salt. 


Diameter of l*arti(!ltvs Solubility at 25'^ (J. 
supposed Spherical. (Mass per Jatre.) 


Calcium sul])hate 
Barium sulphate 



2,x 
0 .3 fx 

1 -8 f.L 
01 fji 


2085 grammes. 
2-470 

2*29 m^^rms. 

4 15 „ 


Before, therefore, the absolute solubility of a salt in water at any stated 
temperature and under, say, atmospheric pressure, (*an be given, the 
size of the particles of the solid phase must be known. Tliis has an 
intimate connection with the phenomenon of supersaturation (see p. 37()), 
for it is clear that a saturated solution of barium .‘iul})hate prepared in 
contact with particles of diameter 0*1 fx is supersaturated with respect 
to particles of diameter 1 *8 /i, and, upon introduction of such pailicles, 
the excess would be precipitated out. 

In most ordinary cases, however, variation in the size of the solute 
particles is not sufficient to cause any serious variation in the solubility. 
It is usual, in practice, to crush to a powder of suHicient fineness to 
allow of easy stirring in the saturation bottle (p. 374). 

Influence of Dissolved Substances. The ])resence of a dissolved 
substance in a lupiid may influence materially the solvent action of 
that liquid towards a second substance. The [)roblcm has already 
been discussed in connection with the solution of gases in liquids 
(see p. 351) and of liquids in liquids (]>. 360). Neutral gases, owing 
to their slight solubility, exert but little inlluenee on the solubility 
of solids in water. Chemically active gases may, of cours(‘, exert an 
enormous inlluenee; thus carbon dioxide greatly incTcases the solu¬ 
bilities of magnesium and calcium carbonates in vvfiter, this being 
attributable to chemical change, the soluble bi(‘arbonates of the metals 
being formed. 

The solubility of a solid in a mixture of two li(|uids is a more compli¬ 
cated problem, inasmuch as the salt may be soluble in either or both 
of the liquids, and the two liquids themselves may cither be completely 
miscible, or only partly miscible. If the two liquids arc practically 
insoluble in each other, or if, being only })artly miscible, they are 
present in such quantities as to form two layers, it is evident that a 
solid, soluble in both liquids, will distribute itself between them in 
accordance with the Partition Law (see p. 877). If the two liquids 



SOLUBILITY AND DISSOLUTION. B71 

are completely miscible, or if one of two only partially miscible liquids 
be ])resent in such quantity as will completely dissolve in the first liquid 
only, the effect of such admixture upon the solubility of a solid will 
depend vv.vy largely upon the relative solvent powers of the liquids for 
the solid. For example, the solubility of sodium chloride in pure 
ethyl alcohol is very small—only 0*005 gramme per 100 grammes of 
al(‘ohol at room temperature, whereas the corresponding figure for the 
salt in water is 30 grammes. Hence the solubility curve for the salt 
in water-alcohol at constant temperature steadily falls as the per¬ 
centage of alcohol rises, 
trated aqueous solution 
of salt, some of the salt 
is precipitated. Physical 
precipitation of this kind 
is frequently of use in 
the preparation of pure 
substances, and is a 
favourite method of ob¬ 
taining substances in the 
colloid state (see p. 409). 

Conversely, on adding 
common salt to a solu¬ 
tion of cth}^ alcohol in 
water, t he alcohol sepa¬ 
rates as an up))er layer 
and may be removed 
with a separating funnel. 

It sometimes happens 
that a dissolved solid 
enhances the solvent 
power of a liquid for 
certain other solids, but 
in most cases this is at¬ 
tributable to some kind 
of chemical change. 

Thus, for example, silver 
cyanide is insoluble in water, but it readily dissolves in an aqueous 
solution of potassiuiTi cyanide, because a complex salt is formed, 
namely, potassium argentocyanide, K[Ag(CN) 2 ], which ha[)pens to 
be soluble in water. Similarly, iodine readily dissolves in potassium 
iodide solution owing to the formation of soluble potassium tri-iodide, 
KIg. In most cases of purely physical solution, however, a dissolved 
solid will tend to reduce the solubility of a second solid in the same liquid. 
Thus the solubility of potassium chloride in water is reduced by the 
presence of dissolved potassium nitrate or sodium chloride. Similarly 
the solubility of potassium nitrate or of sodium chlori<le is reduced by 
the presence of potassium chloride. This is shown in hg. 151, together 
with the compositions of the solid phases in contact with the saturated 
solutions. This principle is frequently made use of in “ salting 
out.” For example, soap is salted out of solution by the addition 
of brine. 

Rate of Dissolution.—^The rate at which a solid will-dissolve in a 
stationary liquid depends upon two faetors, namely ; 


If, therefore, alcohol is added to a concen- 



Fro. 151.—Solubility of Potassium Chloride in Aqueous 
•Solutions of Potassium Nitrate at 30” C., and of 
Sodium Chloride at 20” C., and vice versa (Leather 
and IVliikorji, 1913). 
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(i) The reaction between the solute and the solvent, and 

(ii) The diffusion of the dissolved solute from the seat of dissolution. 

If the former reaction is very rapid in com}>arison with the latter, it is 
clear that the latter must become the determining factor ; the rate of 
solution will thus be proportional to the rate of diffusion, and this, by 
Pick’s Law (1855), depends upon the amount of solid that has already 
passed into solution (]). 881). 

I.et A be the area of the film of solution in contact with the solid, 
and c its coneentration, being the concentration of the more dilute 
layers at any time 6 ; then, if A remains constant, 

and this, upon integration, gives 

,11, c 

The rate of solution under quiescent conditions should thus obey tlie 
monomolccular law if the foregoing assumptions arc correct. 

Experiment shows that this is the case when benzoic acid dissolves 
in quiescent water (Noyes and Whitney, 1897). If the water is agitated, 
the thickness of the film is reduced and the rate of diffusion and hence of 
dissolution is increased. The rate of dissolution of salts in water is 
reduced by the presence of emulsoids, such as gum arable and glue. 
This phase of the subject is considered on p. 173. • 

Volume Changes on Dissolution. —When a solid dissolves in a 
liquid the volume of the solution may differ appreciably from the 
combined volumes of the solute and solvent. Aqueous solutions offer 
peculiar difficulty to systematic study, for not only may hydration of 
the solute take place, but both ionisation of the solute and depoly¬ 
merisation of the water molecules introduce disturbing factors. 

In so far as solutions in organic solvents are concerned, Lumsden’s 
Law (1907) states that 

if Vq and V are the volumes of pure solvent and solution respectively^ 
then if V - Vq is taken as the volume occupied by the substance in solution 
it is either the same as that of the pure substance at the same temperature 
and in the liquid state, or, if it is not identical, it differs by a constant 
amount at all temperatures. 

Instead of directly determining the alteration in volume when a 
solid dissolves, it is usual to determine the densities of the solvent and 
solution respectively. 

The molecular volume, Fm, of the substance in solution, is then 
readily calculated by the usual formula : 

« M+m m 

where M is the molecular weight of the solute, m the mass in gramines 
of solvent per gramme-molecule of solute, and d^ and A the densities 
of the pure solvent and solution respectively. 
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Writing v as the number of litres in which one gramme-molecule of 
substance is dissolved, 

m = 1000i;d - M 

and 


—r - lOOOx; 
«o 


jd-d,) 

do 


This gives us another method of arriving at the same data. 

Experiment shows that when naphthalene is dissolved in tolutme 
the increase in volume of the licpiid is almost identical with tlic volume 
which the naphthalene would occupy if it were free and in liquid form 





o 


Fig. 152. —Molecular Volumes in Solution (Lumsdeii, 1907). 


at the same temperature. On the other hand, when thymol is dis¬ 
solved in benzene, the increase in volume of the liquid is appreciably 
greater than the volume which the thymol would occupy if it were free 
and in the liquid state at the same temperature. If, now, the changes 
in volume are observed at various temperatures, both below and above 
the melting point of the pure solute, continuous curves are obtained on 
plotting the results as shown in fig. 152. There is no break at the 
normal melting point, neither is there any break at the normal boiling 
point of the solute. With naphthalene the curve above the melting 
point (79° C.) is practically identical with the molecular volume curve 
of the free liquid substance ; with thymol the corresponding curves are 
practically parallel. 

We have here, therefore, a method of determining approximately 
the molecular volumes that the substances would have if it were possible 
to supercool them in liquid form to the ordinary temperature. 

Methods of Determining Solubilities. —One or both of two 
methods may be followed in determining the solubility of easily or 
moderately soluble substances, namely, agitation of the solid and 
liquid in a vessel maintained at the temperature desired, or heating the 
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two substances to a higher temperature than required and then cooling 
to the temperature of investigation. In either case excess of the solid 
must be j)resent, not only to ensure saturation, but also to prevent 
supersaturation. The same value for the solubility ought to ensue 
whichever method is adopted. 

For either of these methods the apparatus shown in lig. 153 is 
eonvenient to use. The powdered solute, together with a suflicaency 
of solvent, is placed in the saturation bottle A and vigorously agitated 
with a mechanical stirrer for several hours at constant temperature in 
a thermostat. At the ordinary temperature saturation is usually a 



Fig. 153.—Apparatus for Determin¬ 
ation of Solubility (Frierid, 1930). 


slow^ process and is not attainable in the 
(‘ourse of a few minutes only. The ther¬ 
mometer T should be graduated to O-l® C. 
When the solution is saturated it is drawn 
through the lilter F into the weighing 
bottle B, which is subsequently detached 
and weighed. If the density of the solu¬ 
tion is also required, a small density bottle 
may be inserted in B and weighed when 
full of liquid. The amount of dissolved 
solid may be determined by evaporation 
to dryness, or by some chemical method, 
as occasion serves, and, in the ease of 
most soluble salts, may be ex})ressed as 
grammes per 100 grammes of solution, iVg, 
or grammes per 100 grammes of solvent, 
designated as wdi,ere the solvent is 
water. 

For very sparingly soluble salts, such 
as the silver halides and the sulphates of 
lead and barium, special methods have 
been adopted. A few^ of the more im¬ 
portant are: 


{a) Measurement of the specific electric conductivity of a saturated 


solution (see Vol. II). • 

(h) Determination of the electromotive force of a concentration 


cell containing the salt in solution. 

(c) Calorimetric methods. These methods have been applied, for 
example, to lead sulphate, which is converted to the sulphide and the 
quantity in solution determined by comparing the depth of colour with 
that of a standard solution. 


{d) Radioactive method. A solution of a soluble salt of the metal, 
whose sparingly soluble salt is to be investigated, is activated with a 
known quantity of a suitable radioactive indicator (Vol. II). The 
sparingly soluble salt is then quantitatively precipitated out of solution 
by addition of suitable reagents. The precipitate carries down with 
it the radioactive indicator. It is w^ashed, dried and weighed. A 
portion is now agitated with water until a saturated solution has been 
obtained, using an apparatus similar to that shown in fig. 153, and a 
portion removed, taken to dryness and the activity of the residue 
determined electroscopically. The activity clearly is directly propor¬ 
tional to the quantity of salt present, and the solubility can thus 
be calculated in the usual way. The solubility of lead chromate has 
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been determined in this way, using RaD as indicator. The value 
1*2 X 10"^ gramme ])er litre at 25*^ €. was obtained (Hevesy and Paneth, 
1913). The method is very sensitive, and a quantity of 10 gramme 
of Hal) may })e measured eleetroseopieally. Further, there is less 
danger of included impurities affecting the result than with the methods 
previously described. 


The Dissolution of Solids in Solids. 

The term “ solid solution ” *was applied by van’t Hoff to certain 
substanec^s which separate in the crystalline state from liquid solutions 
on cooling, the crystals not being the pure solvent or solute but a homo¬ 
geneous mixture of solvent and solute—in short, a solid solution. A 
striking example of this came to light in the investigation by Beckmann 
and Stock in 1895 of the molecular weight of iodine in benzene solution. 
It was found that iodine always separated with the benzene in the 
solid state. Moreo\'er, the ratio of the average concentration of iodine 
in the liquid to that in tlio solid was roughly constant, that is to say, 
Henry’s l^aw held for the solid solution. If Cj is the mean value— 
})efore and after freezing—of the concentration of iodine in the liquid, 
and ^2 the concentration in the crystals, each concentration being 
expressed in terms of iodine per 100 grammes of benzene, then, for 
thr(‘t^ different eoncentriitions of solution, the following figures were 
found : 


6\. 

6V 

C,/C\. 

3*39 

1 -279 

0-377 

2-587 

0-925 

0-358 

()-9447 

0-317 

0-33G 


Apart from the cases arising from freezing point measurements, 
however, miscibility in the solid state has been known for a considerable 
time. Until recently it was believed that only isoinorphous substances 
possess the power of crystallising out together, and, in turn, isomorphism 
was recognised by the power of mutual overgrowth and of forming 
mixed crystals, as, for example, in the case of the alums. It is now 
known, however, that overgrowths may occur with substances that are 
not isoinorphous (see p. 190). 

Miscibility in the solid state varies with the nature of the substances 
and the temperature. The simplest case is that in which the substances 
can mix in all proportions, as exemplified by zinc sulphate, ZnS 04 . 7 H 20 , 
and magnesium sulphate, MgS 04 . 7 H 20 . Salts of the rare earths 
possess this property to a remarkable extent, and as the solubilities of 
the corresponding salts of two adjacent rare earth metals are frequently 
closely similar, it may be extraordinarily difficult to obtain pure 
specimens of each even by the most careful fractionation (see p. 401). 
In cases of limited solubility, two series of solid solutions are formed, 
each a solution of the one substance in the other, corresponding to 
conjugate liquid solutions. 

As has already been explained (p. 190) the term “ mixed crystals ” 
used above is not altogether a happy one. It does not mean that the 
solid phase consists of a mixture of separate crystals of the individual 
substances, but that the composition of each crystal is a mixture; in 
other words, a solid solution of the one substance in the other. 
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Many pairs of metals are capable of formin^^ solid solutions. Thus 
silver and gold, cobalt and nickel, antimony and bismuth, arc examples 
of pairs of metals that can mix in all proportions in tlie solid state. 
On the other hand, co]>per and nickel, aluminium and zinc, gold and 
nickel, are miscible only to a limited extent. Solid solutions ])lay a 
most important part in the metallurgy of iron and steel, and also of 
other metals. 

An interesting example of solid solution is that of tungsten in 
metallic salts, to which reference has already been made (p. 70). 

The formation of solid solutions, or*the occlusion of the reagent or 
other salts by a })reeipitate, appears also to occur in many eases where 
precipitation from solution is effected. Thus, for example, when ferric 
hydroxide is precipitated in the presence of certain proportions of 
manganese salts, manganese hydroxide is co-preeipitated, and the two 
hydroxides appear to be in part in solid solution. Precipitates of barium 
sulphate are likewise \’ery prone to contamination with dissolved salts, 
and a similar contamination of his silver halide precipitates led Stas, 
in his classical researches on the atomic weight of silver {circa 1865), to 
obtain too high a value, namely 107*930, whereas the accepted value 
is now (1931) 107*880. As was mentioned in the analogous ease of 
gases dissolved in solids, it is dillicult to separate the phenomena of 
adsor})tion and absorption (see p. 356). The fornjcr, being a surface 
phenomenon, ju'obably is the first to take place, being followed later 
by absorption or true solution in the above-mentioned cases. 

SuPEUSATUllATION. 

When a solution of a solid in a liquid, already saturated at a given 
temperature, is heated up with more of the solid until all the solid 
passes into solution, on cooling to the original temperature the excess 
of the substance in solution is not always de})osited, crystallisation or 
precipitation being suspended. The solution obviously holds a greater 
quantity of substance than corresponds to the ordinary solubility, and 
is said to be supersaturated. Such solutions can readily be pre})ared 
by heating up sodium thiosulphate, sodium acetate, sodium sulphate, 
etc. with water, and allowing to cool without agitation. 

Supersaturated solutions, however, are always liable to crystallise 
spontaneously, particularly on exposure to air. Lowel, in 1850, 
apparently was the first to show, however, in the case of sodium 
sulphate, that crystallisation was not induced by contact with air that 
had previously been passed through water, sulphuric acid, caustic 
alkalies, glass wool, or even through a series of empty flasks. It was 
afterwards observed that the spontaneous crystallisation of super¬ 
saturated solutions of sodium sulphate in contact with air is due to 
the presence of minute crystals of the salt in suspension in the air, 
which serve as nuclei, stimulating crystallisation. Hence by washing 
or filtering the air Lowel had removed these suspended nuclei, and in 
consequence retarded crystallisation. 

Not only can minute crystals of the same substance serve as nuclei, 
but crystals of isomorphous bodies yield precisely the same result. 
It is now known also that this property is shared by many substances 
that are not strictly isomorphous with the dissolved salt, provided their 
molecular volumes are closely similar. Ostwald showed that nuclei 
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weighing only 10“ ^® to 10 ® gramme were usually quite sufficient to 
induce crystallisation of supersaturated solutions. Furthermore, it 
appears from numerous researches that mere mechanical friction is 
sufficient to induce crystallisation, such crystallisation taking j)laee in 
the complete absence of crystalline nuclei. This is tacitly recognised 
in qualitative analysis in testing a solution for potassium by the 
addition of chloroplatinic acid. If potassium is present its precipitation 
as hexachloroplatinate, KgPtCl^, is frequently accelerated by scratching 
the watch glass used with a glass rod. 

Some substances yield supersaturated solutions with greater ease 
than others. Thus potassium chloride supersaturates only with 
difficulty, whilst borax does so readily. This is made use of in one 
commercial method of separating the two salts. A solution containing 
both is cooled fairly rapidly, whereby potassium chloride crystallises 
out, the borax remaining in supersaturated solution. After centri¬ 
fuging to separate the potassium chloride, the clear solution is allowed 
to stand for some hours to enable the gradual, spontaneous crystallisa¬ 
tion of the borax to take place. 

Supersaturated solutions of liquids in liquids have been realised 
only in a few cases, but supersaturated solutions of gases in liquids are 
not uncommon. Tap water saturated with air at 7° C. can be incubated 
at 18° C. for six days without appreciable loss of oxygen. At this 
higher temperature it is, of course, supersaturated, but so long as the 
containing vessel is not shaken, and chemical actions such as fermenta¬ 
tion are excluded, no appreciable loss of oxygen occurs. The addition 
of any powdered substance to such a solution, however, will break 
down the suj)crsaturation, since the gases in the pores of the powder 
.act as nuclei. Supersaturation of this kind differs from that considered 
above, inasmuch as the nuclei immediately escape from the liquid, 
whereby their influence is severely limited. 

Distribi tion of a Solute between Two Immiscible Solvents. 

Let us now' consider how a solute will comport itself when added to 
a mixture of two immiscible liquids. If we denote the two solvents 
by A and 13, and the solubilities of the solute in these by A a and Sn 
respectively, the solute will distribute itself between the two liquids 
in proportion to its relative solubilities, assuming no association or 
dissociation occurs. We may therefore write 

Sx C\ ^ ^ 

— ^ = constant 

Cn 

where Cx and Cb are the concentrations of the solute in A and B 
respectively. The constant is termed the Partition CoeiBcient, and 
the formula is an expression of the Partition Law. 

An example is afforded by succinic acid divided between ether and 
water, in which latter it is only very slightly ionised. Thus 

Cwater • • . 0024 0070 0121 

CW . . . 00046 0013 0022 

Cw 


5-2 


5-4 


5*5 
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the concentrations being expressed as grammes of acid per 10 c.c. of 
solvent. 

The foregoing law is the principle iipon which the extraction of 
products from dilute solution by shaking with different solvents is 
based. For example, aniline is very soluble in etli(*r, and upon shaking 
an aqueous extract of aniline with ether, the latter takes up almost 
the whole of the aniline. Theoretically it cannot take it all, for the 
partition eoeflieient represents an equilibrium, and there will always 
be some aniline dissolved in the water, in equilibrium with the ether 
solution, although its amount may be negligibly small. If several 
solutes are present in the system^ each molecular species behaves as 
though the others were not present, provided, of course, they are 
eheniieally neutral towards each other. 

The problem now arises—given a solution and a definite quantity 
of an extracting solvent, is it more cllicicnt to use the whole of the 
extractor for one separation or to extract several times with small 
portions of the extractor ? 

Let us assume that a substance S is twice as soluble in ether as in 
water, and that we have 100 c.e. each of aqueous solution and pure 
ether to Avork with. If we mix the two liquids together, shake and 
allow to stand until separation into two layers has been effected, the 
ether layer contains 66*7 per cent, of tlie solute S. If now we take 
the 100 c.c. of solution, but only 50 c.e. of ether, the ether layer contains 
half of S, the other half remaining in the water. Upon treating the 
latter Avith the remaining 50 c.c. of pure ether the ether layer again 
extracts half of S, or 25 per cent, of the original amount. The two 
ether extracts, therefore, contain 75 per cent, of, S, as oi)poscd to 
66*7 per cent, in the former case. In actual practice, of course, there 
must be a limit to the number of extractions that can be made in any 
particular case, and a compromise is effected between theoretical 
efficiency and practicability. 

Probably no two liquids are absolutely insoluble in each other, so 
that the equation 

Ub 

is not rigidly true, although it may be sufficiently so for practical 
purposes. 

If the substance is associated in one of the solvents and not in the 
other, or if chemical combination takes j)lace, the foregoing equation 
must be modified (Nernst, 1891). Suppose, for example, the substance 
is associated in solvent A but normal in solvent IL If a? is the degree 
of association (p. 269), then the partition coefficient k is given by 

f-i " 

, _ A 

Ljj Lh 

This affords a method of determining the molecular state of a substance 
in solution. A good example is afforded by benzoic acid (Nernst, 1891) 
which, in water, apart from slight ionisation, is represented by the 
simple formula C^HsCOOH, whereas in benzene it is associated to 
double molecules. Since the above equation becomes 
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where Cn and C\\ 
spectivcly. Thus 

arc the concentrations 

in benzene and water re- 

Uw 

. 00150 

0-0195 

C\\ 

. 0-242 

0-412 

Ch 

(,2 

. 1075 

1084 


Chciuical combination between two solutes can frequently be 
(letected in a similar manner. Thus, from the distribution ratio of 
hydrofjen ])eroxide between ether and aqueous molybdic acid the 
existence in solution of pcrmolybdic acid has been adduced (Brode, 
1901). 



CHAPTER XVIII. 


DIFFUSION AND OSMOSIS. 

That a close analogy exists between the gaseous and tlie dissolved 
states IS evident from a consideration of the })rocess of diffusion in the 
two cases. A given quantity of a gas will expand to hll any si)aec into 
which it is introduced, whether the space has previously been evacuated 
or contains some other gas. If another gas is present, the rate at 

which the added gas distributes itself is 
considerably retarded. The diffusion or 
expansion may occur even against gravi¬ 
tation, as when a heavy gas or vapour, 
such for example as bromine, is introduced 
at the bottom of a cylindrical vessel. Like 
a gas, a substance in solution distributes 
itself throughout the whole volume of sol¬ 
vent. If a beaker of concentrated (;opper 
sulphate solution is placed in a large trough 
and the latter carefully filled with water, 
the salt gradually diffuses in all directions 
until the solution is of uniform concentra¬ 
tion throughout. Similarly, if two miscible 
Fig. 164.—Graham’s Experiment, liquids are introduced into a cylindrical 

vessel in such a manner that the denser 
liquid lies beneath the lighter, then, as with gases, diffusion will take 
place until the whole liquid possesses a uniform composition. The time 
required to arrive at complete mixture may be very prolonged, for the 
rates at which liquids diffuse are extremely slow as compared with gaseous 
diffusion, owing to the great resistance to movement encountered. Tliis 
we should expect, as molecular movement in liquids must of necessity 
be much slower than in gases. 

The first systematic experiments on the subject were those of 
Graham (1851), who introduced a small, wide-mouthed bottle, filled 
with a given solution, into a larger vessel (jontaining water (fig. 154). 
After a certain time, samples of liquid were withdrawn from different 
layers and analysed. It was found that the velocity of diffusion 

(i) varies with the temperature, 

(ii) varies with the nature of the solute, 

(iii) is directly proportional to the concentration of the solute. 

A solution of ordinary alum in water behaves as if it were a mixture 
of aluminium and alkali sulj^hates, and as these diffuse at different 
rates, it is possible to effect a partial separation of them. 
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It was observed that solutes in water may be divided into two 
general groups, according to their rates of diffusion. Those which 
diffused with relative rapidity were found in general to yield crystalline 
solids ; these were termed by Graham crystalloids. Those which 
diffused very slowly w^ere gluey in charact<'r and were in consequence 
termed colloids (Greek holla, glue) (see Chapter XXII). 

Pick’s Law.—In 1855, Pick, guided by Fourier’s Law of the 
conduction of heat or “ diffusion ” of temperature, gave a mathemati¬ 
cal interpretation to diffusion, which may be explained as follows : 
Consider a vertical cylinder containing a solution the concentration of 
which falls uniformly as we pass tip wards, but remains uniform in any 
horizontal layer. If A is the cross- 
sc(‘tion of the cylinder (fig. 155), C the 
concentration of the solute at a given 
level and C—dC the concentration at 
a level dl cm. above that level, then, 
if dS is the quantity of solute passing 
in the time dO across the area A, wc 
have 

dC 

dS - - DA ^ . dd, 
dl 

!) being termed the diffusion co¬ 
efficient. It represents the number 
of grammes of solute crossing one 
s(piare centimetre of area in one se(‘ond 
for a concentration gradient of one 
gramme per centimetre. 1) is approxi- Fio. 155 . 

inatcdy constant for a given solute in 

a given solvent at the same temperature, varying only slightly with the 
concentration. 

Determination of the Diffusion Coefficient.—Lord Kelvin used 
glass beads of different densities. These were introduced into a 
cylindrical vessel containing tw^o miscible liquids, the denser liquid 
forming at first a uniform layer at the bottom, so that initially the beads 
floated at the liorizontal junction of the two liquids. As diffusion 
proceeded the beads separated. The main objection to this procedure 
is the formation of air bubbles on the beads, which disturbs their 
apparent densities. 

Weber verified Pick’s Law for zinc sulphate in aqueous solution by 
determining the change in electromotive force (see Vol. II) between 
two amalgamated zinc plates suspended in the liquid. Comparing the 
results with those obtained with solutions of known concentration it 
was easy to calculate the rate of diffusion. 

More recently, optical methods have been employed, such, for example, 
as measuring the change in refractive index of the liquid. This possesses 
the advantage that no foreign body is introduced into the system, so 
that diffusion can proceed undisturbed for long periods, during which 
changes in concentration may be determined as frequently as desired. 

In the following table are gi\"en the diffusion coefricients for several 
solutes in different solvents, the coefficients being expressed in grammes 
per square centimetre per second. The concentration C is given in 
gramme-equivalents per litre. 
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Solute. 

Solvent. 

Temp., 

"C. 

G. 

/>x J()fi. 

Sodium chloride 

\Vat(‘r 

IS 

0 1 

1 24 




10 

1 -24 




2-5 

1 •;i;i 




50 

1*50 

Potassium nitrate . 

\A'ator 

TS 

0 J 

1-48 




1-0 

1 24 




2-5 

117 



0 

10 

0-87 



24 

10 

1-54 

Potassium chloride . 

Wat er 

18 

10 

1-50 

Hydrochloric acid . i 

»J 

IS 

1*0 

1() 

Zinc sulphate . j 

1 

1.5 

10 

0-27 

j 

Silver nitrate . ! 

Water | 

15 

0 2 

L28 


Fit hyl alcohol ' 

14 I 

01 

0*41 

Potassium iodide . | 

AVater | 

1 

u') : 

0 05 

1-40 

! 

Fithyl alcohol I 

It 1 

0 05 

0-47 

1 

I 

Iodine . . . j 

( arhon disulphide* 

1 

Ki -i 

01 

1 

30 


Henzciic j 

20 1 

01 

M) 

Gold . 

1 

Mercury j 

1 

n i 


0-8 


Lead ! 

550 

, , 

37 


^fin j 

! 

555 ; 

i 


5-4 i 


It will ])e observed that the diffusion coeHieients of salts of the alkali 
metals in water under analogous eonditions do not differ very greatly. 
Increase in the eoneentration of the solute sonietiines raises the vahur 
of I), as with sodium chloride, and sometinK\s rediKics it, as with potas¬ 
sium nitrate. I) invariably rises with the temperature, as is well 
shown with })otassiuni nitrate. C'hange of solvent greatly inlluenees 
the value of D, In general, salts diffuse It^ss rapidly in ethyl alcohol 
than in water. Gold is seen to diffuse more rapidly in tin than in 
lead, and iodine more rapidly in carbon disulphide than in bcn/ene. 
As the value for 1) as given above is very small, the unit of time 0 
is frequently taken as 24 hours. The value of 1) is then increased 
60 X 60 X 24 times. 

Diffusion through a Membrane.—If the experiment shown in 
fig. 154 is repeated in every detail save that the wide-mouthed bottle 
containing the solution is closed with a membrane of jiarehment paper 
tied tightly round the neck, diffusion will still pro(*eed as before, since 
the parchment paper is permeable not only to the water but to the 
solute also. This is termed dialysis. Colloidal substances do not 
readily pass through parchment, and a suitable piece of apparatus for 
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illustrating this difference between “ crystalloids ” and “ colloids ” is 
shown in fig. 181 (p. 443). 

The question arises as to whether or not a membrane can be found 
that will allow a solvent to pass through, but will prevent a “ (Tystal- 
loid ” from so doing. Such membranes are known and are termed 
semipermeable ~ a term due to van’t Hoff (1886). 

In 1748 Abbe Nollet filled a bladder with alcohol (spirits of wine) 
and immersed the whole in water. The latter liquid entered the bladder, 
causing it to distend and ultimately burst. The bladder thus was 
functioning as a partially sernipernieable membrane, allowing the 
water to pass in but retarding the outward passage of the alcohol. 
In 1826 Dutroehet showx^d that water diffuses into a pig’s bladder 
containing a salt solution, setting up a hydrostatic pressure. Both 
Dutroehet, and later Vierordt (1848), observed also that the rate of 
passage of the water into the bladder varied both with the nature and 
concentration of the salt. 

The first artificial semipermeable membrane was made by Moritz 
Traube in 1867 hy immersing non-setting glue in a solution of tannic 
acid, when it became coated with a skin of semipermeable material. 
Non-setting glue is obtained by prolonged boiling of glue with water, 
say for some 30 hours. On cooling, unless very highly concentrated, 
the liquid does not set or gelatinise. The membrane thus obtained 
was permeable to ammonium sulphate and chloride, l)ut not to jiotassivun 
ferrocyanide ; in other words, its action was selective. Other mem¬ 
branes were tried, notably copper ferrocyanide, which was found to be 
impermeable to many solutes, and which is, at the present time, one of 
the most widely used membranes. 

Osmotic Pressure. —It will be clear that if a solution is contained 
in a “ cell ” the walls of which are semipermeable membranes, and the 
cell is immersed in a vessel containing the pure 
solvent, the ])assage of the solvent into the 
cell will set ii[) a hydrostatic pressure. Traube’s 
experiments were (pialitative in that he did 
not measure these pressure effects. Measure¬ 
ments w ere first carried out with any ])retcmre 
to a(*curacy by Pfeffer in 1877, whose cell 
consisted of a (•ylindrical vessel of ‘‘ biscuit,” 
that is, unglazcd porcelain or earthenware 
(fig. 156), the walls of which were impregnated 
with co])per ferrocyanide. The “ biscuit ” 
thus served to support the copper ferrocyanide 
membrane, which was preci])itated in the pores 
by lining the cell with potassium ferrocyanide 
solution and immersing in copper sulphate 
solution so that the tW'O reagents diffused 
into the walls. The cell was filled with a 
solution of cane sugar and connected as shown Fio. 15().—Hoffer’s Oil. 

with a mercury manometer to register the 

pressure. On immersing in water, the latter passed in until the hydro¬ 
static pressure within the cell was such that equilibrium was attained, 
as much water then passing into the cell in unit time as passed out. 
Owing to the entrance of w^ater, the pressure registered was not that 
of the original solution, and to prevent the entrance of anything more 
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than a trace of water Pfeffer’s later measurements were made with a 
closed air manometer of capillary tubing containing an index of mercury, 
the pressure being measured by the compression of the air. 

The pressure registered in this way is known as the osmotic 
pressure (Greek osinosy a push) and is defined as the presmre exerted 
on a boundary surfaee separating a solution from the pure solvent when 
there is at the surfaee in question a membrane which allozvs of the passage 
of the solvent only, and not of the solute. 

Since the pioneer work of Pfeffer, many investigators have carefully 
measured the osmotic pressures of solutions. Methods of preparing 
the copper fcrrocyanide membrane have been improved, and include 
an electrolytic process in which copper sulphate and a ])latinum 
electrode are })laced within the cell with potassium ferrocyanide ^ 



solution and a copper electrode surrounding the cell, the solutions 
both being fifth- or tenth-normal. On the passage of a c'urrent, a 
membrane is formed between the inner and outer walls, which can be 
made strong enough to withstand a pressure of many atmos})heres. 
So perfect are the membranes obtained in this manner that osmotic 
pressures of 12 atmospheres have been maintained for 60 days without 
perceptible leak. 

Mention may be made of the wwk of Lord Berkeley and Hartley, 
whose apparatus is shown diagrammatically in fig. 157. A copper 
ferrocyanide membrane was deposited on the outside of a cylindrical 
“ biscuit ” tube AB, which contained the pure solvent and was en¬ 
closed in a gun-metal ease containing the solution. Pressure was 
applied through P until equilibrium was obtained, under which condi¬ 
tion the level of the solvent in G remained constant, as the solvent 
passed out of the solution at the same rate as it entered. The applied 
pressure was thus equal to the osmotic pressure of the solution. 
Pressures up to 135 atmospheres were measured. 

Frazer and Myrick (1916) used the apparatus shown in fig. 158 and 
measured the osmotic pressure directly. Up to 100 atmospheres the 
measurements were made with glass manometers, but these broke at 
higher pressures and an electrical resistance manometer was used, 
based on the principle that an almost linear relationship connects the 
electrical resistance of certain conductors with the pressure to which 
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Solution 


they are subjected. Copper ferrocyanide was deposited on the outer 
surface of the porous cell AB, which was kept filled with water. This 
cell was contained in a bronze cylinder filled with the solution. Feet 
were attached to the serew t m 
pluK at the bottom so that ^^nometePi 
the apparatTis could stand neofstance 

verti(‘ally without additional Coi! 
support. 

Indirect Methods of ^ 

^Measuring Osmotic Pres¬ 
sure. - The osmotic pressures 
of different solutions may also 
be determined by eomparison 
methods. The contents of 
plant cells are enclosed in 
semi])ermeable membranes, 
and if the cells arc j)laeed in 
strong salt solutions the [iroto- 
plasmic contents shrink away 
from the cell walls, whi(‘h latter 
do not alter their sha])e. If 
tlie cells are now placed in 
pure water, the protoplasm 
swells out a^ain and (*om- 
pietely fills the cells. From 
this it is clear that if the os¬ 
motic pressure of the solution 
is greater than that of the cell 
sap, the protoplasm contracts 
—that is, plasmolysis occurs. 

If, on the other hand, the 
osmotic pressure of the solu¬ 
tion is less than that of the 
cell sa}), the protoplasm does 
not separate from th<* cell wall. 


Water 



Fia. 158.—Frazer and Myrick’s Apparatus. 


Two solutions therefore are prepared, 
one of which just causes plasmolysis, whereas the other just does not. The 
mean of these concentrations gives a solution of osmotic pressure equal 
to that of the cell sap—in other words, the solution is isotonic with the 
cell sap. Solutions of other salts may be prepared in a similar manner, 
and these are then not merely isotonic with the cell sap but also isotonic 
with one another. By noting the dilutions required, the relative osmotic 
pressures of the original solutions can readily be calculated. 

In a somewhat analogous manner isotonic solutions may be prepared 
by the aid of blood corpuscles. 

Typical Results for aqueous solutions of cane sugar at various 
temperatures arc given in the table on p. 386. The concentrations are 
expressed as gramme-molecules of sugar per 1000 grammes of water— 
the so-called weight molecular co'ncentration —and not as gramme- 
molecules of sugar per 1000 c.c. of solution—the more usual volume 
molectUar concentration. 

An instructive experiment illustrating the diffusion of a solvent 
through a membrane consists in inserting, with the aid of a glass tube, 
a drop of a saturated solution of potassium ferrocyanide into the top 
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Mean Osmotic Pressures (in Atmospheres) of Cane Sugar 
Solution at Various Temperatures. 

(Morse.) 


Concentration, 
gramme-molecules 
per 1000 grammes 
of Water. 

0 " c. 

10® C. 

25® C. 

60® C. 

01 

2*46 

2 50 

2-63 

2-71 

0-2 

4-72 

4-89 

515 

5 43 

0-4 

9-44 

9-79 

10-30 

10 87 

0-6 

14;38 

14-8(5 

1503 

16-54 

0-8 

19-49 

2()1« 

21-25 

22 34 

10 

24-83 

25-69 

27-05 

28-37 


of a two-thirds saturated solution of copper sulphate (contained in a 
vertical glass cylinder. The drop of ferrocyanide solution is immedi¬ 
ately coated with a semipermeable membrane of copper ferrocyanide. 
Being denser than the copper sulphate solution the drop steadil}^ falls 
to the bottom of the jar, but after a few' moments begins to rise again 
as water from the copper sulphate solution diffuses into it and renders 
it less dense. 

Osmotic Pressure in Gases. —Gas pressure is readily measured 
at the siirface or envelope which isolates the gas, and is due to the 
bombardment of the surface by the molecules. Although it is easy to 
measure total gas pressure, it is not easy to determine the pressure set 
up by a single gas present in a mixture. The measurement is possible 
if the pressure due to one gas can be eliminated by bringing it to some 
fixed \ alue, for example, atmospheric pressure. To this end it is 
necessary for the containing vessel to be constructed of some material 
W'hich exerts a selective action, allowing one gas to pass through it but 
not the other. The possibility of determining the pressure of nitrogen 
in a mixture of this gas with hydrogen was demonstrated by Ramsay 
in 1894. A palladium tube containing the mixture was closed by a 
manometer and surrounded by an atmosphere of hydrogen at 280° C., 
at which temperature hydrogen diffuses rapidly through the metal, 
whereas nitrogen is quite unable to do so. Hydrogen therefore passed 
in until its partial pressure within was equal to the pressure without— 
namdy^ atmospheric. The total pressure now registered exceeded one 
^n^phere, the excess being due to the nitrogen. 

^"^smosis and the Gas Laws. —Pfeffer’s experiments with sugar 
solutions showed that: 

(i) The osmotic pressure, H, of a solution is approximately pro¬ 
portional to the concentration C of the solute, provided this is not 
too high and the temperature is constant. Since the concentration is 
inversely proportional to the volume of the solution, this is equivalent 
to the statement that 

n F = constant. 

This expression is analogous to Boyle’s Law for gases, and the following 
results are illustrative: 
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Osmotic Pressures of Sugar Solutions at 0° C. 

(Berkeley and Hartley.) 


Sugar. 

Concentration, 
grammes of sugar 
per litre of 
solution, 

C. 

Observed Osmotic 
Pressure, 
n 

(atmos.). 

Volume of solution 
containing one 
gramme-molecule, 
Mf of sugar. 

c 

nV. 



202 

0*134 

109*3 

22-7 

Sucrose 


lOO 

0*66 

34*2 

22*6 

(Cane - 


200 

1*82 

17*1 

22*6 

sugar) 


450 

2*97 

7*6 

22*6 



93*75 

6*18 

3*65 

22 5 



09*8 

13 21 

1*804 

23*8 



199*5 

29*17 

0*902 

26*3 

(ilucose ' 


319*2 

53 19 

0*564 

30*0 



448 0 

87*87 

0*401 

35*2 


\ 

548*6 

121*18 

0*328 

39*7 


It will be observed that for low eoneeiitrations of sucrose UK shows 
great constancy. But just as gases deviate from the gas laws under 
high pressures, so do we find that UF ceases to be constant for the 
more highly concentrated solutiotis, as illustrated by glucose in the 
foregoing ta})le. 

(ii) The osmotic pressure rises with the temperature, and is approxi¬ 
mately pro])ortional to the absolute temj)erature, which suggests that 
Charles’ Law may be ap])lied to substances in solution. This is illus¬ 
trated by the following data taken from the tabic on p. 886, referring 
to a weight-mole(‘ular concentration of 0*4 gramme of cane sugar per 
1000 grammes of water : 


Temperature, °C. . 

0 

10 

25 

60 

Absolute temp., 2’ . 

273 

283 

298 

333 

Pressure, 11 . 

9*44 

9*79 

10*30 

10*87 

11 

f - 

0*0346 

0*0346 

0*0346 

0*0327 


The quotient HjT shows remarkable constancy, but it will be noted 
that the concentration is expressed as weight-molecular and not as 
volume-molecular, which latter, strictly speaking, the gas laws require. 
The difference is for present purposes, however, negligibly small. 

(iii) Equimoleeular concentrations of different substances at the 
same temperature are found to yield approximately the same osmotic 
pressure, provided no disturbing action such as association or dis¬ 
sociation takes place. Avogadro’s Hypothesis, originally framed for 
gases, would thus appear to apply to solutions. 

If, now, we combine statements (i) and (ii) in the form of an 

equation, we have : ^ ^ 

^ n F == constant x T 

^RT, 
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This equation is identical in form with the ordinary gas equation. But 
what about the numerical value of R' ? 

For a 1 per cent, solution of sucrose at 6*8° C. the osmotic pressure 
is 0*664 atmosphere, or 0*664 x 76 x 18*6 x 081 dynes per sq. cm., 
and the volume which contains 1 granunc-molecule (842 grammes) 
of sucrose, is 842 x 100 c.c. Further, T = 273 +6*8. Hence, 

(278+¥8) 

= 8*23 xlO’ e.G.S. units. 

This value is in such excellent agreement with that of R in the gas 
equation as quite to justify van’t Hoff’s statement that the osmotic 
'pressure of a substance in dilute solution is equal to the pressure that it 
would exert if it were converted into a gas at the same temperature as, and 
made to occupy the same volume as, that of the solution. In the main, 
this statement has been fully confirmed by later workers. 

The osmotic pressure of a dilute solution of a salt is not })roportional 
to the concentration, and compared wdth a non-clectrolytc a molecular 
quantity of a salt always exerts a much higher osmotic pressure. 
Dilute solutions of binary salts such as sodium chloride, for example, 
have an osmotic pressure approximately twi(‘e the calculated value. 
Accordingly, at the time when van’t Hoff showed, from his interpre¬ 
tation of Pfeffer’s osmotic pressure measurements, that the equation 
P V = UT holds alike for gases and solutions, he was obliged to introduce 
into the equation, where electrolytes w^ere concerned, a factor i, where 

• _ Observed osmotic pressure 
Calculated osmotic prcvSsure * 

the solution being of normal concentration. For salt solutions of this 
strength, accordingly, the gas equation became PV — iRT, i is known 
as van’t Hoff’s factor. The explanation of this phenomenon, put 
forward by Arrhenius in 1887, is giveir by the Theory of Electrolytic 
Dissociation, or the Ionic Theory, and will receive detailed treatment 
in a subsequent chapter (see Vol. II). 

Finally it should be added that the nature of the membrane has no 
influence on the magnitude of the osmotic pressure. This we should 
expect, for the nature of the containing vessel has no influence upon 
the pressure of a gas within it. 

Pfeffer, who carried out numerous experiments wdth different 
membranes made of such materials as Prussian blue, copper ferro- 
cyanide and gelatin tannate, found that the magnitude of the osmotic 
pressure of a given solution apparently varied with the nature of the 
membrane. This, however, was due to the fact that his membranes 
were not truly semipermeable, but allowed some of the solute to pass 
through, so that the apparent osmotic pressures varied according to 
the extent to which the membrane “ leaked.” 

It is easy to realise why solutions in cells whose walls consist of 
perfectly semipermeable membranes will yield the same values for 
their osmotic pre^ssures irrespective of the nature of the membrane. 
Suppose, for example, they did not do so. Let us imagine that a 
solution in a cell surrounded by a membrane A possesses a higher 
osmotic pressure than the same solution surrounded by membrane B. 
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Upon arranging the system shown in fig 159, if the solution in the 
central cell is in equilibrium with the solvent in the first cell through 
the membrane A, then, by our first assumption, it possesses a greater 
hydrostatic pressure than corresponds to the value of the osmotic 
pressure in equilibrium with the solvent in cell 3. Some of the solvent 
will therefore pass out from cell 2 to cell 3 through the membrane B. 
As soon, however, as the hydrostatic pressure in cell 2 is lowered, 
more solvent passes in from cell 1 through membrane A. A con¬ 
tinuous flow of solvent is thus set up in the system, in the direction 
from A to B, and as this will continue indefinitely, it may be made to 
perform work. In other words, we are getting something for nothing. 
As this is contrary to experienc'c, we cannot but conclude that our 
initial assumption is wrong and that the two membranes A and B 
must behave alike. That is to say, j^rovided the membrane is perfectly 
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inorganic substances are abnormal, a phenomenon to be discussed 
later, some measurements made by Morse and Frazer on cane sugar 
may be used as an illustration. A solution of G-84 grammes of this 
substanec in 100 grammes of water was found to exert at 15*^ i\ an 
osmotic pressure of 4-91 atmospheres. 

It is required, then, to find the weight of sucrose, which, in 22,400 
grammes of water, would exert at 0® C. an osmotic pressure of 
1 atmosphere. Since the gas equation is true for dilutt* solutions, this 
weight M is gi\ en by 

0*84 X (273 +15) X 22,400 
" 273 x100x4 01 

-329*2, 

as compared with the theoretical value 342 ealeulatcd from the formula 
Ci 2 ll 22 ^n atomic weights of the elements. The error is no 

greater than is found in many cases when the molecular weights are 
derived from vajxmr pressure determinations. 

Osmotic Pressure and Temperature. —We have already seen 
that, in the ease of cane sugar, the (juotient 11/7^ shows great (onstaney. 
This, however, is not the case with all substances, and a moment^s 
consideration will sultiee to indicate that several disturbing factors 
may be invoh ed. There is the (piestion, for example, of the heat of 
dilution, Q, of the solution. For a perfect gas the heat of dilution is 
nil, and PjT is independent of the temperature. In the ease of osmosis, 
n/7^ also will only be independent of the temj)erature when Q is 
negligibly small. For dilute solutions of cane sugar this is practically 
the case, and the Law of Charles applies to them. 

Wlien, however, Q is not negligible, the manner in which it varies 
with the temperature affects the form of the equation eoiuieeting 
osmotic pressure with the temperature, and the relationship may be 
very eomjdex. When a very pronounced evolution of heat occurs on 
dilution, the value of 11 obtained is abnormally high as compared with 
an ideal solution ; the molecular weights calculated from these values 
of n arc in consequence too low. An a})t example is afforded by 
aqueous solutions of sulphuric acid, for which Q is })ositive find relatively 
large. The apparent molecular weight of the acid as calculated from 
the osmotic pressures of solutions containing from 0 to 70 per cent, 
of acid is found to decrease as the concentration increases, if the effect 
of Q is neglected. If, however, due allowaruie is made for Q, the 
apparent molecular weight rises with increase in concentration, as 
indeed wc should expect. 

Other disturbing factors are the possible association or dissociation 
of the solute and solvent, as also the possibility of combination between 
the two, yielding, in the ease of aqueous solutions, for example, a 
certain amount of hydration. 

Osmotic and Vapour Pressures. —Let us assume that a solution 
is confined in a cell (fig. 160), one side of which is the piston P and the 
other a semipermeable membrane A. When the system is in equilibrium 
the solution is pressing on the membrane and on the piston with a 
pressure 11. If we push the piston in the direction of the arrow, so 
that the volume of the solution is reduced by dV, the work done is 
given by 


w^ndv. 


( 1 ) 
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and dx gramme-molecule of solvent is forced out of the solution through 
the membrane A. 

But the volume of the solution could have been reduced in another 
way, namely, by isothermal distillation. If p and p' are the vapour 


A 



])ressnres of the solvent and solution resj3cctively, the work done is 
given by the expression 

W:^dxRT\ogpjp' . . . . (2) 

The work must be the sajne in these two reversible proeesses, so that, 
combining equations (1) and (2), we have 

II =^..d.r/e2’log;»/// . . . (3) 

U r 


Assuming the solution is so dilute that no change in the total volume 
occurs when dx is added to tlie solution, we have 

dV^-^-.dx .... (4) 


sin(!e dV must represent tlie volume oc(*upied by the dx gramme- 
molecule of solvent, 3/' being the molecular weight and d the density 
of the solvent. 

Inserting this value for dV into eipiation (3) wc find ; 

n=-^«riog2;// .... (5) 

If p -p' is small 

log pIp' = (appro.x.) 


and equation (5) simplilies to 


n 


v-p 

p {or p) 


d 

3r 


RT 


(< 5 ) 


An example will make this clear : On dissolving 2*47 grammes of 
ethyl benzoate in 100 grammes of benzene at 80® C. the vapour pres¬ 
sure of the benzene was reduced from 751*86 to 742*60 mm., that 
is, by 9*26 mm. The density of benzene at 80® C. is 0*8149, and the 
molecular weight is 78. 

Since 


PV 1 x22,400 




= 82*1 


(p. 40), 


278 
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we may insert the foregoing values into equation (0) 
value of n, namely, 


9-26 0-8140 

^ “"742-6 ’ 78 


82-1(273+80) 


and calculate the 


= 3*78 atmospheres. 


Osmotic Pressure and the Boiling Point.—It is usually more 
convenient to determine the elevation of the boiling point of a solvent 
on addition of a solute tlian the vajxnir }>ressure depression. 

Upon integration, the Clausius-Clapeyron equation (p. 78) gives 


log p = - + constant 

HI 


(7) 


where L is the molecular latent heat of evaporation, assumed constant. 

If T and T' are the absolute boiling temperatures of solvent and 
solution respectively, p and corresponding vapour 

pressures : 

log . . . . (8) 


Inserting this into equation (5) we find : 


II 


1 

f 


dJE 

T • 



( 9 ) 


where E is the elevation of the boiling })oint, nartlely, T' - and I is 
the latent heat of evaporation per gramme, and equal to T* is 


replaced by T in the denominator. 

If I is e:\:pressed in gramme-calorics, and d refers to 1 e.e., we must 
multiply the right-hand side of the equation by 1000 and divide by 
24*24 to convert the result to litre-atmospheres (p. 20), thus 


^ 1000 dIE 

“““^ 24 " 24 *" 7 “ 


( 10 ) 


Reverting, by way of illustration, to our previous example, the 
elevation of the boiling point of pure benzene on the addition of 2-47 
per cent, of ethyl benzoate was 0*403° C. The latent heat of evapora¬ 
tion of benzene at 80° C. is 94-0 calories, whence 

1000 0-8149 X 94-0 x 0-403 
■‘24-24’ (273 + 80) 

= 3-61 atmospheres 

a figure which differs by about 4 per cent, from that calculated by the 
previous method, namely, 3-78 atmospheres. 

Osmotic Pressure and the Freezing Point. —In a somewhat 
similar manner it can be shown that 
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where is the heat of fusion of the solvent and 8 the depression of 
the freezing point on addition of a solute. Thus, the freezing point of 
benzene (100 grammes) is lowered by 0-810° C. on addition of 2-47 
grammes of ethyl benzoate. At its freezing point, 5-5° C., the density 
of pure liquid benzene is 0-8875 and its latent heat of fusion 29-9 
calories. Inserting these data into equation (11), we have : 

, 1000 0-8875 X 29-9 x 0-840 

(273 + 5-5) 

= 3*30 atmospheres. 

\H^ does the Semipermeable Membrane Function ?—Several 
answers have been given to this question. An early assumption was 
that the membrane acts as a filter, allowing the solvent molecules to 
pass through the por(‘s, but holding back the larger, and possibly 
hydrated, molec-ules of solute. The membrane is struck on both sides 
by solvent molec-ulcs, but fewer free solvent molecules arc present on 
the solution side, so that in unit time more solvent molecules strike the 
membrane from the solv(*nt side and pass through. This goes on 
until equilibrium is attained, when, owing to the increased pressure, 
as many solvent molecules })ass from the solution side to the solvent 
as vice versa. This explanation is unsatisfactory, however, for whilst 
it is true that the pores in a copper ferroeyanide mem})rane, for example, 
arc exceedingly line, ranging from 8 to 60 /x/x in diameter, the average 
being from 15 to 20 /x/x, solute molecules are even smaller. Further, 
if the process is jnirely one of mechanical filtration, an explanation has 
still to be sought for the selective action of e(*rtain membranes. 

In 1855 ilermite suggested that the membrane is permeable to 
bodies that dissolve in it, but impermeable to those that do not. The 
action may be illustrated by taking a cylindrical glass jar, pouring into 
it some chloroform, on toj) of this some water and, finally, pouring 
ether on top of the water. Three layers of liquid are thus produced. 
On closing and standing it will be observed that the chloroform layer 
increases in bulk, but tlie ether layer diminishes. This is due to the 
fact that the ethiT is slightly soluble in water, and more so in chloroform ; 
it therefore passes into solution through the water with the chloroform. 
The chloroform does not, in turn, pass up into the ether, as it is 
insoluble in water. 

A third suggestion (Callcndar, 1908) explains osmotic action on the 
assumption that the membrane consists of (*apillaries which function as 
vapour sieves^ That is to say, they are not actually wetted by the 
liquid, but vapour passes through them. As the solvent has a higher 
vapour pressure than the solution, its vapour distils into the solution 
until the hydrostatic pressure.is.jj.ueh that the yapour pressure of the 
solution equals that of the solvent. 
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FUSION OF MIXTURES AND FREEZING POINTS 
OF SOLUTIONS. 

In 1788 Blagdcn observed that the freezinj;!^ |)oint of a solution of a 
salt in water lies below that of water itself, tlie extent of the depression 
bein^ proportional to the eoneentration of the dissolved salt. This is 
known as Blagden's Law. Later workers, notably llaoult (1882 to 
1886), studied this phenomenon ih ^^reater detail. 

Raoult’s experiments on freezing points were not eonhned to solu¬ 
tions of salts in water, but in(*luded investigations of other elasses of 
substances dissolved in a variety of solvents. From his results the 
general eonelusion may be drawn that within certain limits, to be con¬ 
sidered below, the addition of any substaiu'e to a solvent brings about 
a lowering of the freezing point of that solvent, the extent of the 
depression increasing with the amount of substance added. This 
statement, it may be noted, is true only so long as the substance which 
separates out on freezing is the j)ure solvent. The solute and solvent 
must not form solid solutions or eorn])ounds with ^aeh other. 

For present purposes it is convenient to divide solutions into three 
types, as follow's ; 

Type L No compounds formed and no solid solutions. 

Tyjie //. (lompounds formed, but no solid solution. 

Type IIL No compounds formed, l>ut constituents soluble in both 
the liquid and solid states. 

Type I. No Compounds Formed and No Solid Solutions.— 

This is the simplest case and may be illustrated by a consideration of 
what occurs when a dilute solution of a salt—sodium chloride, for 
example—is cooled from 0^ C. downwards. Freezing first occurs at a 
temperature bclow^ O'* C., depending on the amount of salt added, and 
the solid which separates is pure ice. Hence, by this process, the salt 
solution left is more concentrated than the original one, and will have 
a still low^er freezing point. By continued cooling, then, the water 
continuously separates as ice, and the remaining solution becomes 
more and more concentrated until saturation is reached. Obviously, 
at this point, separation of ice must also be accompanied by a deposition 
of salt, and solvent and solute separate out side by side. Moreover, 
since the concentration of the solution is maintained at a constant 
value, the freezing point must also remain constant during the separa¬ 
tion of ice and salt together. Guthrie (1875), who investigated the 
continued action of cooling on a solution of sodium chloride, believed 
that the ice and salt separated together as a compound, to which he 
gave the name cryohydrate, since complete solidification occurred 
always at -22*^ C., and the amount of salt present was 28'6 per cent. 
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The substance separating at the cryohydric point (Greek kruos, frost; 
hudor, water) or, as it is now frequently termed, for reasons stated on 
p. 396, the eutectic point (Greek eu, easily; tekein, to melt) is, however, 
not a compound, but a mixture. This is evident from the following : 

(1) The iee can be removed by a simple physical operation siu'h as 
washing wdth alcohol. 

(2) The heat of solution of the eryohydrate is the same as that of 
the sum of both components separately. 

(3) The density or speeitie volume is the same as that eahailated 
by the method of mixtures. 

(4) Microscopic examination reveals the separate existence of the 
two components. 


The cryohydric. tcm])erature, or temperature at w'hieh complete 
solidification occurs, obviously is the lowest temperature to which a 


solution of sodium chloride can be cooled. 
All salts dissolved in water behave similarly, 
the actual cryohydric point de])ending on the 
nature of tlie salt. 

Instead of starting with a dilute solution 
of salt and concentrating it by removal of ice, 
w^e may ]3roeeed by continuously adding the 
salt in small quantities at a time, making a 
determination of the freezing point after each 
adtlition. In this way a freezing point curve 
may be traced (fig. 161), plotting temperature 
of freezing against concentration. Starting 
from 0"“^ C., the low^er limit of the curve will 
be reached when the solution is saturated and 
the cryohydric point is reached. This point 
must also lie on the solubility curve of the 



23’6^ NaCL 
Concentration. 


salt in water, so that the cryohydric! point is 
the ]>oint of intersection of the freezing point 


Fk.3 . ] 61 . —Freezing Point Curve 
of Sodium Chloride in Water. 


curve and the solubility curve. 



Fia. 162.—^Freezing Point Curve, Sn-Bi, 


The solubility curve may be 
regarded as a second freezing 
point curve, for just as the 
original freezing point curve re- 
])resents the series of equilibria 
at different temperatures be¬ 
tween iee and the salt solution, 
so the solubility curve deals with 
the equilibria betw^een the solid 
salt and the solution. On cooling, 
ice separates out along AB, and 
salt along CB. The curve CB 
may be likened, therefore, to the 


freezing point curve of a solution of w'ater in salt. 

The tw’o freezing point curves can also be realised if solutions con¬ 
taining components other than salt and water arc studied. Many metal 
alloys behave exactly like a salt solution when the liquid alloy is cooled. 
Fig, 162 represents the freezing point diagram for tin and bismuth. If 
bismuth is continuously dissolved in molten tin, the freezing point of 
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the latter falls gradually until saturation is reached, and then deposition 
of the two metals at a constant temperature and in constant proportion 
occurs. This point cannot he termed the cryohydric point, since water 
is not in\ olved; the general term eutectic is emj>Ioyed, the alloy which 
solidifies here having the eutectic composition. For bismuth and tin 
this eutectic composition is 45 per cent. Sn and 55 per cent. Bi, the 
eutectic tem})erature being C. By starting with bismuth and adding 

tin, a second freezing point 
curve is obtained ending at 
the eutectic point as before. 
Along AB crystals of tin 
separate when the solution 
is cooled, along CB crystals 
of bismuth. 

Fig. 168 represents the 
diagram for lead and silver 
mixtures. The eutectic tem- 
])eraturc is 808° C. and the 
eutectic alloy contains 2*25 
per cent, of silver. This is 
the basis of Pattinson’s 
Process (1888) for the desil- 
verisation of lead. The pro¬ 
cess is carried out in a series 
of iron pans each heated over 
a fire. The lead is melted in 
the first ^pan, skimmed and 
then allowed to cool. As solid 
lead separates it is pushed 
beneath the surface of the 
molten metal so that it may 
redissolve if ])ossible. After a time crystals of lead accumulate at the 
bottom of the pan and arc removed by a perforated ladle and ])laced in the 
next pan w^hich has already been made hot enough to melt them. The 
metal in the first pan is now richer in silver .than before, whilst that 
in the second pan is richer in lead. The second pan is worked similarly; 
and so on. By successive crystallisations and transference to series of 
pans, the original alloy is gradually separated into silver-free lead at 
one end and an enriched alloy at the other. From a crude lead con¬ 
taining only 10 ounces of silver per ton, an alloy containing from 600 
to 700 ounces per ton, or about 1*7 to 1-9 per cent, of silver, is obtained, 
and this is cupelled. The silver content of the enriched alloy cannot rise 
beyond 2*25 per cent, by weight. 

It w’ill be noticed that the last-mentioned alloy (see following table) 
has a very low melting point. 

In the two systems we have already discussed, namely, Sn-Bi and 
Pb-Ag, only one liquid phase was present. We have now to consider 
the case where two liquid phases may co-exist. The system water- 
succinonitrile, CH^.CN, affords a good example (fig. 164), On addition 

CH2.CN 

of succinonitrile to the system ice-water at 0® C., the temperature falls to 
the cryohydric or eutectic point, - 1*2® C, On raising the terap^ature 



iOO^XAg 


Concentration 
Fig. 163, —Freezing Point Curve, Ag-Pb. 


tOOAPb 



FUSION OF MIXTURES AND F. FIS. OF SOLUTIONS. 


397 


Cryohydric or Eutectic Points. 


System. 

Eutectic 

I’oint, 

^C. 

Approximate Percentage 
Composition. 

NaCl-Water . 

- 22 

23 00 NaCl. 

NaBr-Water 

- 24. 

4]-33 NaBr. 

KI-Water 

- 22 

.52 07 KI. 

NaNO j-Water . 

- 17-5 

40-80 NtiNOg. 

(NH 4 ) 2 S 0 ,-Water . 

~ 17 

41-70 {NH4),S04. 

NH^CI-Water . 

- 

19-27 Nir^Cl. 

Nal-Water 

- 15 

.59-45 Nal. 

KCl-Watcr 

- 11 I 

20-03 KCl. 

Pb(N 03 )a-KN 03 

+ 207 

46-86 Pb(N03)2. 

Pb-Bi .... 

+ 122*7 

44 4 PI). 

Sii-Bi .... 

143 

45-0 Sn. 

Cd-Bi .... 

144 

-1.0-8 Cd. 

Zi»-Bi .... 

248 

7-15 Zn. 

Bi, Pb, Cd, Sn . 

+ 71 

47-8 Bi, 13-5 Cd, 18-6 Pb, 
20-1 Sn. 



Fio. 164.—System Water-Succinonitrile. 
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and adding more of the nitrile, the melting point, A, of the latter 
under water is reached ultimately at 18*5® C. Two liquid phases now 
appear, the one a solution of water in the nitrile, the other of the nitrile 
in water. On still further raisiifg the temperature the critical solution 
point is rea(‘hed at 55-5° C., above which the nitrile and water are 
com])letely miscible in all proportions. On cooling and adding more 
nitrile the point H is reached at 18-5° C., and then on heating we pro¬ 
gress along the fusion curve of the nitrile to the melting point of the 
pure solid at 54° C. 

Type II. Compounds Formed, but No Solid Solutions.— 

When compounds are formed, for every compound produced, an addi¬ 
tional branch containing a maximum point is obtained in the freezing 

point curve if the com¬ 
pound has a definite 
melting point under the 
prevailing pressure. 
Thus, with lead and 
magnesium (fig. 105), 
magnesium separates 
out between A and B 
as cooling occurs, but 
at B the eutectic alloy 
deposited is found to 
£ ^27 (5 not of pure Mg 

and Pb, but of Mg and 
(‘lystals of a new sub¬ 
stance. If the eutectic 
alloy be remelted and 
more lead added, the 
/00%Ft> freezing point rises and 
Concentration the crystals separating 

Fig. l65.~ Fi*oozing Point Curve, Mg-Pb. On freezing are neither 

pure Pb nor Mg, but 
the new substance. At the maximum [)oint C the compositions of the 
liquid and the crystals separating are the same, so that at this point also, 
solidification occurs as a whole and at constant temperature. Since we 
are dealing at (' with only one crystalline form, the point C must represent 
the melting point of the compound produced, namely PbMgg. Further 
addition of lead lowers this melting point, crystals of the compound 
continuing to separate as we pass from C to 1 ), until a second eutectic 
is reached, representing the new compound and lead. The curve ED is 
obtained either by remclting this second eutectic mixture and continuing 
the addition of lead, or by starting out with lead and adding magnesium. 
The crystals separating along ED are those of lead. 

Whenever compounds can be frozen out from solution and the 
phenomena are not complicated by the formation of solid solutions 
between the compound and one or other of the single components, an 
extra branch of the freezing point curve and an extra eutectic point 
appear on the diagram for each compound formed. The maximum 
point on each added branch gives the melting point and the composition 
of the compound. Thus with nitric acid and water, two compounds 
are formed, namely, HNOg.SHgO and HNOg.HgO (see fig. 166). With 
ferric chloride and water, four hydrates, Fe 2 Cl 0 . 12 H 2 O, FcjCl^.THaO, 
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FegClj.SHgO and Fe2Cl5.4ll20, are known, and each possesses a definite 
melting point. These points are indicated by maximum points on the 
Fe 2 Cl 0 “H 2 ^ curve (see fig. 148, p. 367). 



Fig. 166. —Freezing Point Curve of At^ueous Xitrio Acid. 



Finally, the freezing point curve for sulphur trioxide and water has 
afforded cl^ar evidence of hydrate formation, as shown in fig. 167. 
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A study of the freezing point curve is one of the most frequently 
used means of testing whether or not two substances, when mixed 
together in the liquid state, unite chemically. 

Type III. No Compounds Formed, but Components Soluble 
in Both the Liquid and the Solid States.—This third type of freezing 
point curve represents the behaviour of liquid mixtures of substances 
which are soluble in one another both in the liquid and in the solid 
state, so that when freezing occurs the (*rystals deposited contain both 
constituents, and arc thus “ mixed crystals ” or solid solutions. 

If the two substances are soluble in one another in the solid state in 
all proportions, the freezing point curve takes one of the three forms 

drawn in fig. 168. Most pairs 
of inorganic substances follow 
class I, Hi- Sb, Pt-Au, Ag-Au and 
Co Ni providing examples. Mix¬ 
tures of mercuric bromide and 
niereurie iodide have a freezing 
point curve of class III, which 
exhibits a minimum })oint. Hut 
little is known of examples of 
class II. It will be noticed that 
the three ty})es of curves corre¬ 
spond with those which represent 
the vapour tensions of liquid 
mixtures (fig. 173). 

In order to understand 
thoroughly the behaviour of 
mixtures ot isomorphous sub¬ 
stances, or those which form 
solid solutions, two curves are 
necessary, giving the composition 
of the solid phase (solidus curve) 
and of the liquid phase (liquidus curve). These curves coincide at the 
maximum and minimum points. 

If the solubility of the two components in the solid state is limited, 
the freezing point curve is not a continuous line ; a break occurs, and 
the break is more pronounced the more limited the series of “ mixed 
crystals.” 

In addition to the three typers of freezing point curves already 
given, cases occur in which compounds arc produced and form solid 
solutions with either or both of the components. The curves for these 
can be deduced by constructing a full diagram to include the separate 
curves for the two binary mixtures, namely, compound and component 
A and compound and component B. 

Purification by Fractional Crystallisation or Liquation*— 
Crystallisation as a means of separating two substances in a state of 
purity from a mixture is comparatively simple when each component, 
acting as the solvent, freezes out in the pure state; but when the 
substances form “ mixed crystals,” separation can be effected only by 
a lengthy repetition of the process, as with fractional distillation, and 
there are certain cases in which no separation can be brought about. 
The process necessaty will be understood by reference to fig* 
which shows a portion of the freezing and melting point curves of 





Fio. 168. 
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mercuric bromide and iodide. Since the curves are temperature- 
concentration curves, it is obvious that the solid separating contains 
more of the bromide than the remaining liquid. At the temperatures 
ti, and <3 the concentrations of mercuric iodide in the crystals are 
represented by A, C and E respectively, and in the liquid by B* D and F. 
As the temperature falls from to both the liquid and the deposited 
solid vary in composition. If, on the other hand, the solid separating 
at ^3 be isolated and heated, the temperature must be continuously 
raised before com])l(‘te melting is obtained. Starting with crystals of 
composition E, and applying heat, there 
will be present at temperature a liquid 
of com})osition D and unmelted solid 
of composition C. If t his still unmclted 

])ortion be isolated and heated to ^ _ 

the solid now remaining is still richer ^ ‘ 

in mercuric bromide. By a methodical — 

repetition of these processes many \ 

times, on each fraction obtained, uniting ^ ^ ^ \ 

])ortions that are similar in com])osi- ^ 

tion, it is ])ossible to obtain hnally a 

specimen of cr^^stals which contains L__ 

practi(‘ally no iodide. A mixture of Concentration 

mercuric bromide and iodide (‘an thus 
be separated into two ])ortions, either 
bromide and the mixture of bromide ^ ^ 


and iodide of minimum freezing point, or iodide and the minimum freezing 
point mixture, according as one starts with a mixture rich in bromide or 
i(jdidc respectively. Only with a curve of class I {e.g. Bi-Sh) can a 
sej)aration into the two })ure constituents be made. Thus, the process is 
strictly analogous to tlic distillation of liquid mixtures. If the composition 
of the mixture be that corresponding to the maximum or minimum 
point, where the freezing and melting point curves coincide, no separa¬ 
tion can be made (unless the pressure be varied), the mixture behaving 
as a chemical comi)Ound of definite melting point. 

Purification by Fractional Crystallisation from Solution.— 
Fractional crystallisation is a simple matter when two or more salts 
present in a mixed solution possess widely different solubilities. But 
if their solubilities are closely similar, the process of fractionation may 
be long and tedious. Fractionation of the ammonium double sulphates 
of zirconium and hafnium is frequently used to separate these two 
closely similar elements. The zirconium salt, (NH 4 ) 4 Zr(S 04 ) 4 , is less 
soluble than the corresponding hafnium salt, (^ 114 ) 41 ^( 804 ) 4 , and after 
each crystallisation the latter tends to accumulate in the mother 
liquor and the zirconium salt in the crystals, until ultimately a crop of 
pure crystals of zirconium salt is obtained on the one hand, and a 
mother liquor free from zirconium on the other. 

The process is even more complicated when the mixed solution 
contains closely similar salts of several different metals, as, for example, 
in the case of the rare earths. Fractional cr 3 ^staIiisation of salts of 
the rare earth metals is adopted largely in order to effect the separation 
of these metals. For example, in separating the elements of the 
cerium group, namely, lanthanum (atomic number 57), cerium (58), 
praseodymium ( 59 ), neodymium (60) and samarium (62)—element 61 
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(illinium) is so extremely rare that it need not be considered here— 
either the magnesium double nitrates, of general formula 
2 R(N 03 ) 3 . 24 U 20 , or the ammonium double nitrates, 2 NH 4 NO 3 . 
R (NO 3 ) 3 . 4 * 1120 , are frequently made use of. The different members 
in each series are isomorphous, crystallising in the trigonal and mono- 
clinic systems respe(‘ti\^ely. The solubility of the salts increases very 
slightly as we pass from lanthanum to samarium, but only very slightly 
with each successive member of the series, so that a very large number 



of crystallisations may be necessary to obtain* any one of the salts in a 
pure condition. The general }>rocedurc is as follows : 

The initial mixture of salts, from which the cerium may or may 
not have been removed by chemical methods, contained in some 
suitable vessel such as a flask or an evaporating dish ( 1 ), fig. 170, is 
crystallised from dilute nitric acid solution, about half the mixture 
being left in solution. Crystals ( 2 ) and mother li(juor (S) are thus 
obtained and separated. Each in turn is re-crystallised. The crystals 

(2) give place to er^^stals (4) and mother liquor (5); the mother liquor 

(3) becomes divided into crystals ( 6 ) and mother liquor (7), Liquor 
( 5 ) and crystals ( 6 ) are united into one fraction and this, together with 
crystals (4) and liquor (7), constitute the three fractions into which 
the material is now divided. By further crystallisation crystals ( 4 ) 
yield crystals ( 8 ) and liquor (9); fraction (5, 6 ) gives crystals (10) 
and liquor (11); and liquor (7) supplies crystals (12) and liquor (13). 
The following combinations are then effected : (9) with ( 10 ), and ( 11 ) 
with (12), the method being to pour liquor (13) into a fresh vessel, then 
liquor (11) on to crystals ( 12 ), and finally liquor (9) on to crystals (10). 
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Resolution into four fractions is thus accomplished. The subsequent 
operations are closely analogous. In the diagram (fig, 170) the arrows 
indicate how each fraction is subdivided and the juxtaposition of 
two numbers represents the mixing of two fractions. By this method 
the initial mixture is expanded into some 20 or 30 fractions, accord¬ 
ing to the nature of the mixture, the crystals separating along the 
even numbers (2), (4), (8), etc., which constitute the “ head ’’ fractions 
of the corresponding horizontal series, the mother liquors being in the 
direction of the odd numbers (3), (7), (13), etc., which constitute the 
“ tail ” fractions. We have now reached the end of the first stage of 
the process ; but it may be necessary to fractionate many more hundreds 
of times before wc obtain pure fractions of any one salt. The next 
stage of the process is as follows : 

Suppose, for example, that 20 fractions have been prepared, num¬ 
bered in serial order from (1) to (20), beginning with the least and 
ending with the most soluble fraction. Each is re-crystallised. The 
mother liquor from (20) is poured into a new vessel (21), the liquor 
from (19) into (20), that from (18) into (19), and so on until the liquor 
from (1) is poured into (2). hVom (2) to (20) the vessels are heated 
until the crystals dissolve in the liquids, and then allowed to cool slowly. 
Fresh solvent is added to (1) for the crystallisation, but (21) is left 
alone. After crystallisation has occurred, the previous process of 
decantation is repeated, commencing as before by pouring the liquor 
from (20) into (21). For the next crystallisation a further quantity 
of solvent is added to (1), but fraction (21) is still untouched. After 
a few scries of crystallisations fraction (1) has dwindled to a small 
amount. It is made to miss the next crystallisation. After the de¬ 
cantation of mother li(piors, fraction (1) is then added to the crystals 
in (2), wdiich thus becomes the new “ head ” fraction. By this time, 
however, fraction (21) has become sulliciently large to yield a new 
“tail” fraction (22). The fractionation proceeds as before, until the 
new “ head ” fraction (2) has dwindled so much as to require incor])ora- 
tion in (3), and (22) can now yield a new' “ tail ” (23). In this way, as 
fractions (2), (3), (4), etc. successively disappear, new' “tails” (22), 
(23), (24), etc. appear, so that the number of fractions remains constant. 
Ultimately a “ head ” fraction is obtained which consists of the pure, 
least soluble component. In the example chosen this w^ould consist 
of the pure lanthanum salt, if the cerium had previously been removed, 
or of a mixture of the lanthanum and cerium salts, in either case free 
from the green-coloured praseodymium salt. If cerium is present, it 
can be removed by oxidation to insoluble ceric hydroxide and the pure 
lanthanum salt obtained. Proceeding in an analogous manner, samples 
of each of the praseodymium, neodymium and samarium salts can be 
isolated in a pure state. 

The Freezing Points of Dilute Solutions.- As indicated on 
p. 894, Blagden and subsequent workers found that the lowering of 
the freezing point of a solution was proportional to the concentration 
of the solute, provided always that the substance separating out on 
freezing was the pure solvent. Raoult made a thorough test of this 
relationship, using a variety of solvents and including many organic 
solutes, as well as, in aqueous solution, the salts wdiich previous in¬ 
vestigators had studied. Blagden’s Law, that the lowering of the 
freezing point is proportional to the concentration, was found to be 
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true, provided the solutions used were dilute ; and it was further shown 
by Raoult that when the same solvent is used 

equimolecular quantities of different solutes 'produce equal depressions 
of the freezing point. 

This is RaoulCs Law. 

If a gramiiie-nioleeule, M, of the solute is dissolved in a fixed 
quantity of solvent, say 100 grammes, then the depression of the 
freezing point is eonstant, whatever the solute. This eonstant is 
termedtlie molecular depression, K, or, alternatively, the cryoscopic 
constant of the solvent. By applying Blagden’s Law w^e see that, if 
7n grammes of solute dissolved in 100 grammes of solvent depress the 
freezing point by S® C., 


or 



( 1 ) 


CoiiATrsely, having onee determined the value of K, the molecular 
weight of a solute in solution may be determined, since 



(2) 


Electrolytes depart from these laws of dilute solution just as they 
do from the law\s of vapour pressure (p. 418). The explanation is 
given in Vol. II. 

Since a knowledge of the molecular weights of substances in solution 
is frequently of great value, w'e may now ))ass on to consider how 
cryoscopic investigations of this character are carried out. As 
ordinarily practised, the method used contains various devices and 
improvements introduced by Beckmann, but the essential process is 
that of Raoult, and consists in measuring the freezing point of a solvent 
before and after adding a known Aveight of the substance Avhose mole¬ 
cular wadght is required. 

For very dilute solutions, platinum resistance thermometers give 
the most accurate results. Ordinarily, the Be(*kmann mercury in 
glass thermometer, graduated to is employed (fig. 171). This 

thermometer usually has a scale reading of only 5^ to 6®, and to obviate 
the necessity of having a large number of instruments suitable for 
different temperatures, the thermometer is so constructed as to be 
available for use at different tenij)eratures. For this purpose the 
upper end of the capillary bore oj)ens out into a large reservoir into 
which mercury can be driven. If, for examj)le, the amount of menury 
in the bulb is sufficient to cause the thread to appear on the scale at 
50® C., less mercury will be required if the temperature to be measured 
is 60® C. The instrument accordingly is heated to about 64® C. until 
the excess of mercury has been driven into the reservoir, and it will 
be found on cooling that the thread is visible on the scale at 60® C. A 
slight correction is needed for the varying amount of mercury in the bulb. 

The freezing point apparatus (fig. 172) consists of a stout glass tube 
fitted with a side-tube, and closed at the top by a cork, through which 
pass the thermometer and stirrer (preferably of platinum). The side- 
tube, also closed by a cork, serves for the introduction of the substance 
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under investigation. Surrounding the freezing point tube is a wider 
tube which serves as an air jacket and 
so prevents too rapid a fall of tempera¬ 
ture, and linally we have the cooling 
bath, which may contain a freezing 
mixture, water only or other material, 
according to the freezing j)oint of the 
solvent. A known weight of the solvent 
is introduced into the freezing point 
tube and the freezing point determined, 
whenever possible, by the method of 
supercooling. For this purpose the sol¬ 
vent is cooled directly in the cooling 
bath until solid begins to separate. The 
tube is then quickly dried, ])laeed in its 
jacketing tube, the liquid stirred slowly, 
and the temperature r(^ad off when it 
has become constant. An approximate 
\ alue for the freezing ])oint thus being 
obtaiiu'd, the tidx^ is withdrawn from 
its mantle and the frozen solvent allowed 
to melt. It is then replaced in its jacket 
and the licpiid stirred slowly while the 
temperature falls. When the tempera¬ 
ture has fallc!i to 0*2 0*5° below the 
a})))roxiinate freezing point the licjuid 
is stirred more vigorously, when crys¬ 
tallisation commences, and the temperature rises. 
If crystallisation docs not begin, the liquid may 
be inoculated with a tiny crystal of the solvent. 
The liquid being stirred slowly, the temperature 
is read off every few seconds, the thermometer 
being tapjied before each reading. The highest 
temperature reached is recorded as the freezing 
point of the solvent. The freezing point should 
be determined in three independent experiments 
and the mean value adopted. 

A w^eighed quantity of the solute (usually 
compressed by means of a small tabloid press) 
is then introduced through the side-tube into the 
solvent and allow^ed to dissolve. The freezing 
point of the solution is then determined as already 
described, an approximate value and then four or 
live accurate values being found. 

A further addition of solute and another 
freezing point determination are then made. 

In order that reasonably accurate results may 
be obtained, the cooling bath should not be more 
than 3° below the temperature at which the sol- 

Fig. 172.-~^ckmann freezes, the amount of supercooling of the 

Freezing Point Apparatus, 

should be uniform and not too rapid, and the thermometer should 
always be tapped sharply before a temperature is read. 
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The calculation is made as follows : If w grammes of a substance, 
dissolved in W grammes of solvent, lower the freezing point of the 
latter by S® C., the molecular weight M of the solute is given by 


M 


lOOA'rc 


8W 


( 3 ) 


where the value of the constant K depends only on the solvent. K is 
not merely a number ; it represents a definite temperature effect. 

In the se(‘ond column of the following table the values of the 
eryoscopic constant for some commonly used solvents are giv^en, as 
determined experimentally: 


Cryoscopic Constants. 


Substanoc. 

K 

(Observed). 


T 

m* 

^._0-019857’f„ 

Water 

ISl 

79*7 

273 

18-50 

Acetic acid 

39 

43-7 

289 •(> 

3810 

Palmitic acid . 

U 

.5103 

335 7 

43-8 

Stearic acid 

44 

■17-5 

342 3 

49-0 

Benzene . 

49 

‘J9-92 

278-5 

51-40 

Naphthalene 

71 

34G() 

353 1 

71-4 

Phenol 

74 

290G 

315-7 

08-1 

Benzophenone . 

95 

21-70 

320-9 

94-2 


Van’t Hoff’s Equation.—-The molecular weight of a dissolved 
substance may, as we have seen, be obtained without any knowledge 
of the osmotic pressure laws, for Raoult’s empirical law concerning the 
depression of the freezing point makes this ])ossiblc. Indeed, the 
principles and methods introduced by Haoult are extensively used in 
molecular w^eight determination in solution. . The law, however, has 
its theoretical basis in the laws of osmotic pressure, and a measurement 
of the depression of the freezing point of a solvent is only an indirect 
measurement of the osmotic })ressure of the substance in solution. 

We have already seen (equation (11), p. 392) that 


II 



( 4 ) 


which equation connects the osmotic pressure, 11, with the depression 
of the freezing point and the latent heat, of the solvent. If V is 
the volume of solution containing a gramme-molecule of solute, 

.... (5) 

Since the molecular concentration of the solute in the solvent is 

M 

(equation (1)), and dV is the mass of solvent containing 1 gramme- 
molecule of solute, it follows that 
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lOOM 


whence 


or 


dF=- 


ilT,. 


8- 


m 

VdOM Z,„S 

m ' T„. 

^V. w 

100Z„ * M 


( 6 ) 


When m - M, 8 becomes the molecular depression, K, and writing 
R as 1’985 calorics, equation (6) becomes 


K 


0-0198.5r„,® 

C 


( 7 ) 


lliis is van’t Hoff’s equation and ^i\ es us a method of ealeulating 
the eryoseopie constant. Reference to tlic preceding table shows that 
the observed and calculated values of K arc in general very ('oncordant, 
the values for })henol showing the gr(‘atest divergence. 

Influence of Concentration.- Theoreticallj^ Raoult’s equation 
(No, 1, ]). tot) applies only to exceedingly dilute solutions. At higher 
conc<‘nt rat ions K (‘eases to be constant. This is unfortunate, since at 
gre^at dilutions the dc{)rcssion of the freezing point is small and the 
experimental error is proportionately great, Iktter results are obtained 
by taking into consideration the concentration of solute, not in grammes 
])or 100 granmu^s of sol\'(‘nt, but in gramme-molecules per “ molecule ” 
of solution. Thus 




Cn 

N + n ‘ 


( 8 ) 


wdiore C is the new eryoseopie constant, and N and n are the numbers 
of “ molecmles ” of solvent and solute respectively. 

Since n^icjM and N where M' is the molecular weight of 

the solvent, the other letters having the same signifieanee as on p. 400, 
it is easy to show that equation (8) gives the same result as eejuation (3) 
at such great dilution that n is negligible (ompared with iV. Under 
these conditions 

^ iV ” WM “ JVM 

and the new eryoseopie constant, C, is related to K as tollows (Brown 
and Bury, 1924) ; 

100^ 

M' 

The following data (p. 408) illustrate the superiority of this method of 
calculation at higk concentrations. The concentrations of benzil have 
been carried much higher than is usual in ordinary eryoseopie deto- 
minations ; nevertheless the calculated molecular weight approaches 
the theoretical value with extraordinary closeness. 

Molecular Association,—It has hitherto been assumed that 
when the solute dissolves in the solvent there is no molecular change in 
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Molecular Weight of Benzil as Determined Cryoscopically 
in Nitrobenzene as Solvent. 

(Theoretical M.wt. of beii/il, 21()-l.) 


Grammes Benzil 
per 18-22 grammes 
Nitrobenzene. 

Observed 
Depression 
of Freezing 
Point. 

Molecular Weight of Benzil. 

Kaoult's 

Formula, 

A'-^68-7. 

Brown and 
Burv’s Formula, 

= . 50 * 8 . 

0-1238 

0-222 

210-2 

209-3 

0-3421 

0-605 

213-1 

210-7 

0-0188 

1 -604 

216-0 

209-7 

1-7351 

2-955 

221-4 

209-6 

2-3496 

3-924 

225 8 

209-9 


either and no eombi*iation between tlie two. If the value of K for a 
given solvent is known—and it may be determined either i)y ealeiila- 
tion or by dissolving a s\ibstanee of known moleeidar weight, whi(‘h 
is believed not to undergo association or any other change in solution, 
and noting the depression of the freti^zing point—the value of the 
apparent molecular weight, in solution is given by ecpiation (S). 
Dividing this by the simplest molecular wcigl\t, il/, the extent of 
association in solution is obtained. This method, for example, has 
been applied to water with the following results : 


Molecular Weight and Degree of Association of Water. 

(Oddo.) 


Solvent. 

Molting 

l^oint, 

" 0 . 

Molecuilar 

Weight. 

Mean Degree of 
Associati(m. 

Phenol .... 

42-7 

21 -2 

1-18 

j 9 -Toluidine 

44 

33-4 to 38-8 

2 00 

Chloracetic acid 

68 

2M to 29-1 

1*40 

Cyanamide 

44 

26-1 to 33-0 

1-64 

Acetic acid 

16 7 

22 3 to 39-9 

1 78 


The extent of association is appreciably lower than that as determined 
by surface tension methods (p. 209), possibly for the reasons given 
on p. 270. 

Separation of the Solute with the Solvent.—Cryoseopie deter¬ 
minations of the apparent molecular weight of iodine dissolved in 
benzene lead to values ranging from 850 to 860, whereas the formula 
1 2 requires 2 x 127 or 254, and there is no other evidence of association. 
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The reason is that iodine yields a solid solution in benzene so that, asS 
the latter freezes out, some iodine separates with it and the eoneen- 
tration of the iodine in the still licjuid ])ortion is thus reduced. The 
fall in tein})erature therefore is too small and the apparent molecular 
weight too high. 

If the extent to which the solute sei)arates with the solvent is 
known, the true amount in solution can be calculated. If x is the 
amount of solute wliich se])arates with the solvent, the concentra¬ 
tion XV in solution is reduced to so that etpiation (J5) {]). 400) 

becoiiics 


717 - 


I(>0A''(ze - x) 
Slip 


( 0 ) 


X corresponds to the partition coellicicnt and can easily be determined 
experimentally. 

If the solute is not associated, the ol)served molecular weight as 
calcidate‘d fix)m ecpialion (8) is indcpendcjit of the concentration, 
although consistently higher than the normal. Tliis is well illustrated 
by solutions of thiopluai in benzene, data tor whic h are as follows : 

('one. of Thiophen (pcT cent.) . . . 0-51 1*12 2*10 3*25 

Apparent Molecular Weight (ecpiation (8)). 188 188 188 134 

When the neeessary eorreetion is made for the amount of thiopheii 
separating out with th(‘ benzene, the mean molecular weight, as cal¬ 
culated from ecpiation (D), becomes 78-1, the theoretical value being 
841, 

Combination with Solvent.-- It sometimes happens that the 
molecular weight of a solute appears to fall with increasing concen¬ 
tration. This is usually attributed to combination betw^een solute and 
solvent, the amount of “ free " solvent thus being reduced, thereby 
concentrating the solution and thus abnormally increasing the depres¬ 
sion of the freezing point and leading to a low value for tlie molecular 
weight. 

General Conclusions.— In solution in metallie solvents, such as 
molten tin, many metals ap]>ear to be monatomic. This is, in general, 
in aceordance with their condition in the va])Our state as judged by 
their vapour densities. Thus Ileycock and Neville in 1890 found 
sodium, magnesium, zinc, <*o})per, nickel, lead, palladium, silver, gold 
and thallium to be monatomic, whilst aluminium appeared to be 
diatomic. Slight association w^as observed with calcium, cadmium, 
mercury, indium and bismuth. 

In tdie case of metallic salts, however, it frequently happens that the 
vapour state appears to be more complex than the solution. Thus at 
1650° C. cuprous chloride molecules are associated to ( UgClg (p. 181), 
but eryoscopic determinations in })yridine, in quinoline aiul in fused 
bismuth chloride indicate that in solution the molecules are rei)resented 
by CuCl. 

Non-metallic elements frequently appear to be associated in solution. 
This is particularly the ease with phosphorus, sulphur and selenium. 
The following dat a (p. 410) are illustrative. The low value obtained for 
phosphorus in iodine is attributable to combination between the two. 

A few data of general interest in connection with organic solutions 
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Molecular Weights in Solution as Determined Cryoscopically. 




Melting Toint 

Apparent Mole- 

Substance. 

Solvent. 

of Solvent, 
"C. 

cular Formula 


1 

of Solute. 

1 

1 

Mothvicne iodide 

5 7 

^8 

vSulphur . . 

Iodine 

lia-5 

Ss 

i 

Aiithraquinonc 

277 

^8 

[ 

Methylene iodide 

5-7 

Seio 

Selenium . . 1 

Phosphorus 

4.M 

Scg 

Antliraquiuone 

277 


\ 

Iodine 

1 iia*5 


Tellurium 

Iodine 

li;3-5 

To +Tcg 

Phosphorus . . j 

M(‘thylenc iodide 
Iodine 

5*7 

11.3-5 

^4 

P 

Iodine 

1 

IMethylene iodide 

1 

5-7 

I 2 


are given in the table o])posite. In the fourth eoluinn is given Raoult’s 
eryoseojhe constant for the solvent, assuming the solute has its normal, 
simple molecular weight. In the final column 'd given the degree of 
association of each solute, assuming the cryoscopie constant calculated 
with the aid of vari’t Hoff’s equation for each solvent to be correct. 

Iji general it appears that the degree of association of a solute is 
determined by several factors, the more im})ortant of which may be 
summarised as follows : 

(i) The nature of the groups present in the molecule of the solute. 
Solutes containing the hydroxyl group are most highly associated, the 
order of influence of certain other groups being 

OH, COOH, CN, NH 2 , CTIO, CO. 

(Most (I^ast 

influence) influence) 

(ii) The position occuj^ied by these groups in the solute molecule 
may be important. For example, amongst aromatic substances the 
para-substituted compound is most affected, and the ortho-hody least. 
Again, primary alcohols are more highly associated than tertiary 
alcohols. 

(iii) In homologous series the degree of association falls with in¬ 
creasing molecular weight. Thus, for example, ethyl and methyl 
alcohols, formic and acetic acids, and formamide and acetamide are the 
most highly associated in their respective series. 

(iv) The nature of the solvent also is most important in determining 
the actual degree of association, as a glance at the foregoing table wifi 
show. The dielectric constant of the solvent appears to be an important 
factor in this connection. Association is very usual in solvents cif low 
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Degree of 

Substance. 

Normal 

Formula. 

Bolvent. 

K 

(Observed). 

Associa¬ 

tion, 

K (calc.) 





K (obs.) * 

Hexane 




r5i-3 

1-00 

Naphthalene 




500 

1 -oa 

Chloroform . 

CHCI 3 



51-1 

1-01 

Carbon disulphide . 

CS 3 

Benzene 


49-7 

1-04 

Carbon tetrachloride 

CCI 4 

(calc. K 


51-2 

1-00 

Acetone 

(CH3)3C0 

= 51-46) 


49-3 

1-04 

Aniline 

C.H3NII3 


46-3 

1-11 

Phenol . 

C.HjOIl 



32-4 

1-59 

xAcctic acid . 

CII 3 COOII 



l25-3 

2-03 

Penzene 

Najdithalene 

tyi, 

^ loUfi 

' 

Nitrobenzene 
(calc. K 
-08*7) 


70 6 

73 6 

0-97 

0-93 

Acetone 

(CH3)3C'0 


69-2 

0-99 

Acetic acid . 

(:ii3COOii 


[36-1 

1-91 

Naphthalene 


Acetic acid 
- (calc. K 
-3810) 

1 

39-2 

0-97 

Acetone 

Ethyl alcohol 

(Cil 3 ),CO 

(oHsdll 

1 

38-1 

36-4 

1-00 

1-05 

Phenol , 

CyieOH 


36-2 

1-05 


dielectric constant; but it also occurs in liquids of high dielectric 
constant. 

Electrolytic solutions behave somewhat differently, the phenomena 
being complicated by ionisation. This branch of the subject is dealt 
with in Vol. II. 

Examination of Milk. —Elevation of the natural freezing point of 
milk is sometimes used to detect adulteration witli water and even to 
estimate the extent of adulteration. Pure milk freezes at ~ 0-530® C. 
or slightly lower, different samples showing remarkably small fluctua¬ 
tions for a natural product. Addition of water raises the freezing 
point. The first prosecution in the Midlands based on this method 
occurred in 1931, the milk samples complained of freezing at -0-496® 
and - 0-413® C., indicating that 9 and 31 per cent, of water respectively 
had been added to the milk. 




CHAPTER XX. 


VAPOUR PRESSURES OF LIQUID MIXTURES AND 

SOLUTIONS. 

Pkobleims conne(‘ted with the va])our pressures of liquid mixtures 
and solutions j)resent many features of both theoretieal arul praetieal 
importanec. We shall confine our diseiission to mixtures of two liquids 
only. Such mixtures may conveniently be divided into three classes, 
namely : 

Class I. Two Immiscible Liquids.— Theoretically we should 
expect that if two liquids are entirely insoluble in each other, the 
vapour pressure of the mixture at any given tem})erature should be the 
sum of the vapour pressures exerted separately by the two components. 
This reminds us of Dalton’s liRw of Partial Pressures, each vapour 
behaving as an indifferent gas to the other. In practice, of course, no 
two liquids are absolutely insoluble in each other, and, as we have seen 
(p. 312), Dalton’s Law of Partial Pressures is-not absolutely true. 
Nevertheless, the agreement between theory and practice is often very 
gratifying. For example, in an actual exi)eriment Young observed 
that a mixture of chlorobenzene and w^ater distilled at a mean tempera¬ 
ture of 90*30° C. under a pressure of 740*2 mm., w hich figure represents 
the total vapour pressure of the mixture. The individual vapour 
pressures at this temperature w’ere 210*,59 and 531*50 n)m. respectively, 
the sum of which is 742*15 mm. The result speaks for itself. 

Class 2. Two Partially Miscible Liquids.—In this case the 
vapour pressure of the mixture at any given temperature is usually 
not the sum of the independent vapour pressures. As an example, a 
mixture of aniline and water may be considered. The two components 
arc appreciably soluble in each other at 100° C. A mixture of the two 
was found by Young to distil at 98*75° C. under a })ressurc of 764*4 mm., 
which figure represents, therefore, the total vapour pressure. The in¬ 
dividual vapour pressures at this temperature were 43*6 and 726*8 mm. 
respectively, the sum of which is 770*4 mm. or 6 mm. in excess of that 
observed. 

Class 3. Completely Miscible Liquids.—In the case of liquids 
that can mix in all proportions, the curve representing the relation 
between the vapour pressure of the solution and molecular concentra¬ 
tion, at constant temperature, follow^s one of three general types, as 
shown in fig. 173. The simplest is type I, lying evenly between the 
pressure values for the separate constituents and in the limit a perfectly 
straight line, so that the vapour pressure admits of calculation if the 
composition of the mixture is known. The more closely alike in 
chemical and physical behaviour the two liquids are, the more closely 
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does the vapour pressure curve of their mixtures conform to this type. 
Examples are afforded by 

Water and methyl alcohol. 

Ethyl chloride and ethyl bromide. 

Chlorobenzene and bromobenzene. 

Liquid nitrogen and liephd oxygen. 

Van der Waals (1900) (*onsidered 
that this relationship would hold pro¬ 
vided 

(a) the c*ritieal pressures of both 
liquids are identical ; and 

(/j) the molecular attractions may 
be re})resented by the formula 

= V <7 A A X 

where ctab represents the attraction be¬ 
tween a molecule of substance A and on(‘ 
of 13, ^aa that b(‘twcen two molecules of A, and ap,p, ttiat between two 
molecules of H. 

The vapour ])ressure of a mixture of A and 13 containing .r per cent, 
gramme-molecides of A, and hence (100 - .r) per cent, gramme-molecules 
of 13, can be calculated for any given temperature from the formula : 

{100 ~-.r)pu . . . ( 1 ) 

wh(‘re p is the vapour pressure of the mixture and p\, pp, that of 
component A and component 13 respectively. The boiling jxnnts of 
vsueh mixtures, under a given pressure p, can be calculated in the 
following manner, provided we know the va])our j)rcssures of each 
component over the necessary range of temj)erature. E(}uation (1) 
may be written 

^ im(pn-p ) 

Ph-PA ’ ' ' * V y 



Fki. 173.—Vapour Prosjsuro - Mole¬ 
cular Concentration Curves for 
Completely Mlsciblo J^iquids. 


and the value of x calculated for a series of temperatures for which the 
values of pA and pp arc known. 13y ]>lotting x against the temiKTature, 
the curve obtained by connecting up the points gives the desired 
connection between the molecular composition of the mixture and the 
boiling point under pressure p. 

In fig. 174 are given curves connecting the \a|)our pressures of 
aqueous solutions of several alcohols with the molecular concentrations. 
For the sake of (convenience the temperature chosen for each mixture 
is such that the vapour pressure of the alcohol is 400 mni. The curve 
for methyl alcohol and water shows only a very slight convexity 
upwards and closely approximates to the ideal type 1 (tig. 173). With 
ethyl alcohol sohitions the curvature is more pronounced, whilst 
w-propyl and t^obutyl alcohols with water yield eur\ cs with clistinct 
maximum valuer, corresponding to type II (lig. 174). There is thus 
a gradual passage from type I to type II as the difference in properties 
between the two components of the mixture becomes greater. 
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For binary mixtures of type II: 

«AB < VWa X/iBit . . . . (3) 

and 

lOOjt? > xpK + (100 - x)pi\ . . . (4) 

The greater the difference between Aab iind V'^flfAA x anu, the more 
pronounced is the convexity of the curve. 



Fig. 174. —Vapour Pressure-Molecular Concentration Curves for 
Aqueous Solutions of Alcohols. 


Curves of the nature of type III show’^ a minimum value for the 
vapour pressure. These are less usual, and in most eases one of the 
components is acid whilst the other is basic. Examples are afforded by 

Water and an acid, e,g,, formic, nitric, hydrochloric or hydro- 
bromic acid. 

Methyl ether and hydrochloric acid. 

Pyridine and formic or acetic acid. 

For binary mixtures of this type 

flAB > VaxA X OnB . . . • (®) 

and 

100p<wpji. + {100 ~x)pB , • (®) 
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A fourth type is theoretically possible, namely, one in which both 
a minimum and a maximum vajmur pressure octair. This has not as 
yet been realised experimentally. 

Solutions which have an identical va]>our pressure at a |,riv(ui 
temperature are termed isopiestic (Greek isos, ecpial; piezo, J press). 

Determination of the Bolling Point of a Mixture._Tliis is 

conveniently <‘arried out with the aid of an ap])aratus such as that 
shown in 175. The thermometer T, surrounded by a j^uard tube, 
perforated at A, is supported in a llask litted with a side tube and 
condenser. B is (connected with an ex¬ 
haust and compression pxmip, and also 
to a gauge which enables the pressure to 
be determined. The guard tube prevents 
the condensate returning from the reflux 
condenser comiixg into contact with the 
thermometer. 

Azeotropic Mixtures.—A solution 
boils when its total vajxour pressure 
equals the external pressure. The com¬ 
position of the vapour which passes ov^er 
depends on the character of the liquids 
mixed. Thus, with liquids giving the 
curve of tyi>e II, the vajxnir pressure of 
any mixture is alw^ays greater than that 
of the eom])oncnt in excess of what is 
required to form the mixture of maximum 
A’apour pressure. Therefore, when such a 
solution is distilled, there is no se[)aration 
into the two eornpOTients; the liquid 
which conies over first as distillate is a 
mixture of the two comj)onents, and the 
residue continually ap[)roxiinates in. com¬ 
position to the component in excess. Thus, Fio. 17r>.™Uoiling Poiiil Apparatus 
the boiling points of water and i)roi>yl 
alcohol respectively are 100 C. and 97-2'' C’. 

at 760 mm., but mixtures may distil at temperatures below 97-2*^’ C. For 
instance, the mixture containing 71*7 per cent. Iiy weight of projiyl 
alcohol corresponds w'ith the maximum ]X)int on tlie vapour ])ressure 
curve for 87*7° C., and at that temperature its vapour pressure is 
760 mm. Hence the mixture distils as a whole at 87-7° (\ without 
change of temperature or comjiosition. Any two substances giving a 
curve of type II give w hat is known as a “ constant boiling mixture ” or 
mixture of minimum boiling point. Such mixtures were once thought 
to be compounds, but with alteration of the pressure the compositions 
of the distillate and residue w^ere found to vary, thereby characterising 
the liquids as mere solutions. 

Liquid mixtures giving a vapour pressure curve oi type HI distil 
in such a way that the distillate first coming over is mainly tlie coni- 
ponent in excess. The residue, therefore, continually a])proximates in 
composition to the mixture of lowest vapour pressure, and eventually 
there distils a second type of constant boiling mixturc—namely, a 
mixture of maximum boiling point. 

Solutions such as these, that possess a constant boiling point, 
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whether maximum or minim\im, are termed azeotropic (Greek a, not; 
zeein, to boil; tropos, direction) mixtures (Wade and Merriman, 1911) 
or, less frequently, hylotropic (Greek hule, matter) mixtures (Ostwald). 

Hitherto we have considered binary mixtures only. Many ternary 
azeotropic mixtures of minimum boiling point are also known ; typical 
examples are afforded by several of the lower fatty alc*ohols with benzene 
and water. 

In the following table the eom])ositions and boiling }H)ints under a 
pressure of 700 mm. of a few typical azeotroj)ic binary mixtures are 
given: 

Azeotropic Mixtures. 






JVreent- 

Tyiie. 

Component 

A. 

Componcnl- 

B. 

Boiling 

Point, 

age of A 
by weight 
in 

Mixture. 


Walter 

Ethyl alcohol 

78jr> 

4-43 

IT Mipimiim | 

,, 

«-Propyl alcf>liol 

87-72 

28.30 

boiling ‘ 
point. 1 

1 

Ethyl alcohol 
Acetic acid 

Benzene 

68-24 

80-05 

32-37 

2 

(Carbon disulphide | 

Ethyl acetate 

46-1 

97 


Pyridine 

Water 

02-6 

57 

f 

Water 

Nitric a(!id 

120-5 

32 

HI. xMaxiniuin 
boiling • 
point. 

” 

Hydrochloric acid 
Hydrobromic acid 
Formic? acid 

no 

126 

107-2 

79-76 
; 52-5 

22-5 

Acetone 

Chloroform 

64-7 

20 

1 

Formic, acid 

Pyridine 

149 

18 


Standard solutions of hydrochloric acid for volumetric analysis are 
sometimes prepared by boiling aqueous solutions of the acid under a 
known pressure until the temperature reaehas a c*onstant value. The 
composition of the resulting mixture is known, and with suitable 
dilution a standard solution is obtained. 

Distillation.— The composition of the distillate depends upon the 
nature of the liquids in the mixture. If two liquids arc completely 
immiscible, boiling takes place when the sum of their vapour pressures 
equals the external pressure, and distillation proceeds, yielding a 
distillate of constant composition until one of the liquids disappears 
from the original mixture. This is the })rinciple underlying steam 
distillation, which is used largely in organic chemistry, A familiar 
example is afforded by the system nitrobenzene-water, which boils at 
99® C. under a pressure of one atmosphere. The vapour pressures of 
nitrobenzene and water at this temperature are 27 and 788 mm. 
respectively, and the molecular weights 123 and 18. The relative 
amounts of nitrobenzene and water in the vapour, and therefore also 
in the distillate, are given by the ratio 

Nitrobenzene 27x123 1*0 


Water 


733 X 18 4*0 


(approx,). 
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One-fifth of the total distillate, therefore, is nitrobenzene, although at 
the temperature of distillation the vapour pressure of the nitrobenzene 
is only one twenty-seventh that of water. This is due to the low 
molecular weight of water, which is thus an excellent liquid for the 
purpose. 

If two liquids are partially miscible, a distillate of definite composi¬ 
tion is obtained until one of the layers disappears from the original 
solution ; distillation then proceeds as with completely miscible liquids. 

In so far as completely miscible liquids are concerned, it is only 
with liquids giving a curve of the first type that separation into the 
two components is theoretically ]>os8ible. Tlu^ distillate always con¬ 
tains more of that component possessing the higher vapour })ressure 
and obviously the residue more of the other component. The boiling 
point steadily rises, reaching in the limit that of the (*omponent with 
the lower vapour pressure. 

The distillation of binary mixtures of types II and III has already 
been discussed (p. 415). 

Fractional Distillation.—Even when the liquids have a vapour 
pressxirc curve of type 1, perfect separation is, in practice, impossible. 
If the distillate first obtained be redistilled or separated again into 
distillate and residue, the second distillate will be richer than the first 
in the more volatile comj)onent ; and further treatment of the first 
residue in similar manner will leave a residue of the second component 
In a still purer state. By coutinuous repetition of these processes, 
separation may be made almost eompletc. Or, instead, the distillate 
may be eolloeted in a number of separate receivers, in which ease the 
first runnings will be very rich in one component, and the residue rich 
in the second component. Such a process is known as fractional 
distillation and, in principle, bears a considerable resemblance to 
fractional crystallisation (]>. 400). If the mixed vapours ])c passed up 
a column, or through a still-head consisting of a scries of Imlbs, and 
thereby cooled, the higher boiling component is condensed more than 
the other, so that the vaj)Our passing out of the head of the column 
consists mainly of the lower boiling component. Fractional distillation 
is used largely in chemistry as a method of purification. 

Vapour Pressures of Dilute Solutions. —The preceding sections 
have been concerned with the vapour pressures of solutions of any con¬ 
centration, and it has been seen that when dissolution occurs the pres¬ 
sure of the mixed vapours frequently is less than the sum of the separate 
pressures. When the solute is non-volatile, the vapour pressure of the 
solution is always less than that of the pure solvent. The earliest in¬ 
vestigations on the vapour pressures of vsolutions dealt with non-volatile 
solutes. Thus, von Babo in 1848 discovered that the ratio 
where p' and p are the vapour pressures of an aqueous solution and of 
water respectively, is independent of the temperature, and Wiillner, 
in 1856, found that the lowering of vapour pressure produced by a 
non-volatile solute was proportional to the concentration. These 
regularities were tested further by various workers, bul most thoroughly 
by Raoult (1886 to 1890), who used a variety of solvents in addition to 
water, and many types of solute He found von Babo^s Law to be 
true, and, for solutions which were not concentrated, W iilhier’s Law 
also. Much more striking than these regularities was Raoult’s dis¬ 
covery that the molecular lowering of vapour pressure of any one 

V6L, 27 
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solvent is the same for different substances. The laws regarding the 
vapour pressure of dilute solutions may therefore be stated as follows: 

1. The ratio of the vapour pressure of the solution to that of the 
solvent is independent of temperature (von Babo’s Law). 

2. The lowering of vapour pressure (for a non-volatile solute) is pro¬ 
portional to the concentration at constant temperature (Wiillner’s Law). 

3. Equimolecular quantities of different substances dissolved in a 
fixed quantity of the same solvent produce equal depression of the 
vapour pressure, provided the temperature remains constant. 

The molecular depression of vapour pressure is a constant, C, 
defined by the equation 

^ p-p' M .... (7) 

p m ' ‘ ‘ ' 


where M is the molecular weight of the solute, m the amount of it per 
100 grammes of solvent, and p and p' the vapour pressures of the 
solvent and solution respectively. 

Baoult found that the relative depression is equal to the 

ratio of the number of molecules of solute (/#) to the total number of 
molecules present in solution, ix. 


p - p* n 
P ^ N -^71 




where N is the number of molecules of the solvent, 
this reduces to 

p -p* n 
~~~p~ ■“jv 


For dilute solutions 
. (0) 


wdth sufficient accuracy. This is the mathemat ical exj)rcssion of Raoult’s 
Law. Owing to ionisation (see Vol. II), acids, bases and salts give abnor¬ 
mal values for the molecular depression and do not follow Wiillner’s Law. 

We can derive Ilaoult’s empirical law^ from theoretical considerations. 
If n gramme-molecules of solute dissolve in IF grammes of solvent, then, 
applying the gas laws to the solution : 


that is 


nV=^nRT 




nRT 

V 

ndRT 
~NM ' 


( 10 ) 


( 11 ) 


since V = Wjd, d being the density of the solvent, and W^NM\ where 
N is the number of solvent molecules of molecular weight M\ 

Combining this with equation (6) (p. 391) connecting the osmotic 
pressure with the vapour pressure, we find 

p-p' d ndRT 

p M' ~'N]Sr 
or 

p-p' n 
p ~N 

which is Raoult’s Law (equation (9)). 
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Molecular Weight by the Depression of Vapour Pressure._ 

Raoult’s Law of depression of vapour pressure for dilute solutions of 
non-volatile solutes (equation (9)) may be written 

p-p' it>M' 

• • . . ( 12 ) 


where w is the weight of the solute dissolved in tVgranuncs of solvent, 
the other letters having the same significance as before. Clearly M can 
be found from measurements of the vapour })ressure. 

The method is not used very extensively. Two sets of bulbs are 
connected in scries, the first set containing the solution, the second 
solvent only, all being kept at <‘on- 


stant temperature. If now a current 
of dry air is bubbled through the 
liquids, it will take up an amount of 
vapour proportional to the va})our 
pressure. From the first set it will 
remove a (piantity (which can be 
arrived at by weighing before and 
after the experiment) proportional to 
and from the solvent, which has 
a higher vapour pressure, a further 
quantity proportional to the differenee 
of vapour pressure, p - p'. The total 
amount removed is thus })roportional 
to p. Hence, by su})stituting these 
values, and knowing the coiu'cntra¬ 
tion of the solution, the molecailar 
weight of the solute can be found. 

Ramsay, in 1889, made a series 
of direct determinations of the tie- 
[)ression of the vapour pressure of 
liquid mercury at the boiling point, 
r. 357^ C'., produced by dissolving 



various metals in it. In calculating Fj«. 176.--Ramsay’s Mercury Molecular 


the molecular weights of the metals Weight Apparatus. 


it Avas assumed that the mercury was 


monatomic, so that 3f' in equation (12) was 200. The apparatus used is 
shown diagrammatieally in fig, 176. A U-tubc containing the mercury or 
amalgam w'as suspended in a bath of mercury vapour. The shorter 
end of the U-tube was closed and the other end connected with a gauge 


so that the pressure could be altered slightly and various separate 
readings of pressure taken. A source of error was found to lie in the 
tendency of the curved surface or meniscus in the closed limb to differ 
from that in the open limb, but the general coneordane< of the results 
was regarded as an indication that the error was not serious. The 
following metals were found to be monatomic. lithium, sodium, 
magnesium, zinc, cadmium, gallium, tin,, lead, manganese, silver and 
gold. Antimony and aluminium gave high results, suggesting slight 
association, possibly to Sbg and AI 2 , as also did lead and tin in the 
more concentrated solutions. Low values were obtained with calcium, 
barium, potassium and thallium, as also with high concentrations of 
sodium. As atomic dissociation is out of the question, it appears 
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probable that a certain amount of combination with the solvent had 
taken place (compare p. 409). It is instructive to compare these 
results \rith those obtained for the molecular weights of metals dissolved 
in molten tin, as determined by Hey cock and Neville by the freezing 
point method (p. 409). 


MOLECULAll WkIGIIT FROM THE ElEVATION OF THE BOHANO PoiNT. 


Instead of measuring the depression of vapour pressure, it is more 
usual to determine the elevation of boiling point which, for dilute 

solutions, is proportional. 
For, in lig. 177, suppose the 
three curves represent the 
vapour pressure of the sol¬ 
vent I, of a solution II, and 
of a more concentrated 
solution III. At a common 
pressure indicated by the 
line ABC', the boiling points 
arc ti, ^2 that 

^ 2-^1 (AB) is the elevation 
for the first solution, and 
# 3-^1 (AC) for the second 
Fig. 177.— Showing? Elevation of Boiling Point Pro- solution. If dilute solutions 
portional to Lowering of Vapour Prosaure. only arc considered, the 

curves are very short, and 

may be considered straight and parallel. 



Hence 


AC: AB=AE: AD, 


or, the elevation of boiling point is proportional to the depression of 
vapour pressure. 

The molecular weight of the solute is calculated from a formula 
very similar to that used for freezing point measurements, viz. 


A/- 


lOOCxv 

~EW 


where E is the elevation of the boiling point and C is the molecular 
elevation. The constant C in this equation may, like the corresponding 
freezing point constant, be calculated from a theoretical equation, 

"•“''y- „ ooimsT‘ 


where T is the boiling point (absolute) of the solvent and I its latent 
heat of v^aporisation in gramme-calories per gramme (see p. 82). 

For some common solvents the following are values of the constant 
C, that for ammonia being the lowest known : 


Ebullioscopic Constants. 

Chloroform . .89-0 Acetone . . 17‘0 

Benzene . . 27-0 Ethyl alcohol . 11^7 

Carbon disulphide . 28*7 Water . . . 5*2 

Sulphur dioxide . 15*0 Ammonia . . 8*4 
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The foregoing process gives results which should not vary more than 
± 5 per cent. 

Beckmann’s Method.—A convenient form of apparatus for 
general laboratory use is sliown in fig. 178. The boiling point tube A 
has two side-tubes tj and tg. Through tj, which is closed by a ground- 
glass stopper, the substance under 
investigation is introduced as re¬ 
quired. The tube tg is longer than 
tj, .and carries a water condenser 
to return condensed vapour to the 
boiling point tube, and an upright 
tube containing fused calcium 
chloride, giving access t<^ the air. 

A stopper at V carries the Beck- 
inann.therinometer, whi(*h dips into 
a known w^eight of the solvent. 

The boiling point tube stands 
on a stjuare of asbestos millboard, 
and is protected from cooling effects 
by surrounding it with a cylindrical 
glass mantle G containing air, a 
square of mica, S, cutting off radiant 
heat and hot-air currents from the 
ex 7 )osed part of the thermometer. 

As a source of heat a small gas 
flame or an electrically heated coil 
may be used ; in the former case, 
superheating is avoided by intro- 
diicing glass beads, garnets, pieces 
of granite, or, best of all, small 
pieces of platinum foil bent into the 
form of tetrahedra. 

The boiling j)oint of the solvent 
is first noted. Son\e little time is 
generally needed before the tem¬ 
perature becomes steady to within 
0-01® C. When this condition has 
been attained, the temperature is 
noted and the height of the baro¬ 
meter read. The apparatus is then 
allowed to cool a few degrees before 



Fig. 178.- 


-BeekDianii’s Boiling Point 
Apparatus. 


the introduction (best in the form of a small pastille) of a known weight 
of the substance, and afterw'ards the measurement of boiling point is 
repeated with the solution. Several additioiis of material may be made 
and readings taken. The boiling points should be corrected for variations 
in barometric pressure during the experiment. 

The Landsberger-Sakurai Method.—Instead of heating the 
liquid either by a flame or by electrical means, it can be raised more 
rapidly to its boiling point by passing in vapour of the solv ent. Sakurai 
(1892) first used this method in molecular weight determinations, and 
the same principle is adopted in the better known Landsberger method 
{1898)« The method, as used by the latter, was not intended to give 
results of great accuracy, but the improvements introduced by Turner 
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(1910) provide a means of obtaining accurate results at a greater speed 
than is possible with the ordinary Beckmann apparatus. The latest 
modification (fig. 179), employed by Turner and Pollard (1918), consists 
of the molecular weight tube AB fitting at a ground-glass joint h into 
the boiler CD, which also serves as a constant temperature jacket. 

Vapour passes from the boiler 
Q through E and issues through 

I - two ])crforations at F into the 
liquid whose boiling })oint is 
being measured. From AB 
vapour escapes through KL 

J0 ' 7) into a condenser, conn(‘ction 

T 2 ^ being made at the ground-glass 

—K joint c. Into the molecular 

I weight tuV)e a ground-glass 

stopper with two tubulurcs fits 
L nt a, one tubulurc providing 

O the vapour exit, the other an 

cl —Ji entrance for a short-stemmed 

]£ Beckmann thermometer. 

1 In carrying out a determina¬ 

tion, the molecular weight 
tube, together with the stopper, 
vapour exit tube and thermo- 
meter, is weighed and a small 
\ but undetermined quantity of 

solvent then added, a second 
I and larger (quantity being placed 

M in the boiler with two or three 

^ ]>icces of porous pot to induce 

/ \ steady boiling. Vapour passes 

/?( ) into the liquid in the molecular 

w^eight tube, during which pro- 
^ cess the tap T^ is usually kept 

r—^ closed, and by its condensation 

I I raises the temperature to the 

\ / boiling point, indicated by the 

constancy of the thermometer 
reading. Most of the solvent is 
now returned to the boiler, a 
V know n weight of the substance 

^ ^ , . . to be tested is placed in the tube, 

® process repeated. After 

reading the temperature, the 
apparatus is quickly disconnected and the tube, with its attachments 
and contents, again weighed, Tg being closed. The weight, less that of 
the apparatus and solute added, gives the quantity of solvent present. 
By connecting the apparatus again, and continuing the passage of vapour, 
a series of readings at different concentrations can be made. It will 
be noted that in this process the amount of solvent is increased, whereas 
in the Beckmann method the amount of solvent is fixed, and that of 
the solute varied as desired. 

Consideration of the Results.—The results obtained by ebullio- 
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scopic methods for the molecular weights of solutes in general closely 
resemble those obtained by cryoscopic methods ; they are affected also 
by closely analogous factors, such as concentration, combination with 
the solvent, dissociation and association. The value of the cbullio- 
scoi)ic constant, C, can be calculated with the aid of van't Hoff’s 
equation, or can be determined experimentally by dissolving a substance 
of known molecular weight, which does not undergo association or any 
other change in solution, and noting the elevation of the boiling point. 
Once C is known the molecular weight of a given substance can be 
determined, and hence its degree of association ascertained, as already 
explained for cryosco))ic methods. A few typical results are given in 
the two following tables: 
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Association in Solution as Determined Ebullioscopically. 


Substance. 

Normal Formula. 

Solvent. 

Boiling 
Point of 
Solvent, 

Association 

Factor. 

Phenol . 

Benzoic acid . 

Tartaric acid . 

Mandclic acid. 

Acetamide 

Acetanilide 

Urea 

Aniline . 
Naphthalene . 

O.H.OH 

C.HsCOOH 1 

(CH()H) 2 (OOOH)j 

o„H 5 .choh.cooh| 

CH 3 CONH. 

CeHs.NH.COCH, 1 

C 0 (NH,)s 

CeHsNH. 

OioH. 

Ether 

Benzene 

Ether 

Uarboii disulphide 
Ethyl alcohol 
Water 

Benzene 

Acetone 

Chloroform 

Benzene 

Ethyl alcohol 

Ether 

Ethyl alcohol 

34-5 

79*6 

34-5 

4()-3 

78- 5 
1000 

79- 6 
561 
61-2 
79-6 
78-5 
34-5 
78-5 

1-0 

2-0 

1 - 0 ^ 1-2 

2 - 0 - 2-2 

1-0 

1-0 

I- 4-1-7 

II - 1-2 

1-3 

1-5 

1-0 

1-0 

M-1-2 


The effect of concentration is well shown by the following data 
for the apparent molecular weight of phosphorus dissolvx*d in carbon 
disulphide : 

Grammes Phosphorus per 100 

grammes CSg . . . 1-581 3-723 7-44 10-84 18-86 

Apparent Molecular Weight 

(P4 = 124) ... 120 134 142 150 170 

In salts the degree of association depends both on the positive and 
negative radicals, an increase in the mass of the positive radical, when 
a series of similar salts is considered, bringing about a decrease in the 
degree of association. Thus, in chloroform solutions, each containing 
0-025 gramme-molecule of solute in 100 grammes of solvent, tetraethyl- 
ammonium bromide has an approximate -molecular formula of 
[(C 2 ll 5 ) 4 ^^^*’] 7 - 2 > tetrapropylammonium bromide [(C 3 H 7 ) 4 NBr] 3 . 74 . 
In like manner, ammonium iodide is more strongly associated than 
potassium iodide, and tliis, in turn, more than rubidium iodide. 

In general, ebullioscopic methods involve higher temperatures than 
freezing point methods for the determination of molecular weights. 
This must, of course, always be the case when the same solvent is 
used. Since rise in temperature tends, in general, to reduce the mole¬ 
cular complexity of the solute, molecular weights as determined ebullio¬ 
scopically are frequently slightly lower than those obtained by cryoscopic 
inethods. 

As in cryoscopy, when chemical combination between solute and 
solvent occurs, the results obtained for the apparent molecular weight 
are too low. This is the case, for example, with phosphorus in iodine, 
and is not merely a temperature eflfect due to the higher boiling point 
of iodine. 

Where chemical action is absent, the solvent may exert an influence 
of another kind. Solvents have generally been classed as associating 
solvents or dissociating solvents according as they allow or prevent the 
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formation, by substances dissolved in them, of aggregates of simple 
molecules. To the class of so-called “ associating solvents ” belong 
benzene, carbon disulphide, chloroform and bromoform, etc., and to 
that which prevents association or actually dissociates the molecular 
complexes of added substances belong water, methyl and ethyl alcohols, 
and others. It has been shown that the degree of association depends 
largely on the dielectric constant or specific inductive capacity of the 
medium, media of high dielectric constant preventing association, 
whilst those of low value most readily permit of association. A medium 
of high dielectric constant weakens the attractive forces between 
molecules, whereas one of low dielectric; constant allows these forces 
freer play, and docs not hinder their mutual attractions. 



CHAPTER XXL 


ADSORPTION. 

When a sponge is dipped into water or blotting-paper into ink, the 
liquid is absorbed and penetrates into the absorbent. If, however, a 
piece of glass is strongly heated and cooled in a vacuum and then 
brought into contact with the air, minute quantities of gas or vapour 
collect on its surface, forming an adsorbed layer. This layer may 
only be of the order of one molecule thi(*k, aiid it may not be possible 
to detect its presenc*c o})tieally. It does not penetrate into the glass, 
and is thus purely a surface phenomenon. 

Adsorption, therefore, may be defined as the uneqml distribution 
of a substance at the boundary separating hvo j)hases. It is a universal 
phenomenon. 

Chahactkristic Featukks of Adsorption. 

1. It is a surface jihcnomenon and hence a function of the specific 
surface (p. 12), so that the more finely divided a solid is, the greater 
is its adsorptive power. Since substances in intimate contact tend to 
diffuse into one another and yield solutions, it is not always easy 
to determine where adsorption ends and dissolution begins. This is 
particularly the ease wdien gases, liquuls or solids are adsorbed by 
solids. Several references to this occur in the sequel. 

2. Low temperatures favour adsorption, and in certain cases 
critical temperatures exist above which adsorption cannot take place. 
Thus mercury is not ordinarily adsorbed by glass above -135° C., 
neither is silver above +575° C. The adsorption of gases by porous 
solids is very pronounced at low temperatures (p. 357) and is utilised 
commercially. 

3. Adsorption increases with the concentration or, in the case of 
gases, with the pressure. The relationship betwx^en the two is given 
by the adsorption law (p. 438). Hence, in order to remove any 
adsorbed layers from solids it is usual to raise the temperature and 
reduce the concentration. Thus, heating a solid in vacuo will effectively 
remove adsorbed gases; and repeated boiling of a precipitate with 
pure water will tend to remove many adsorbed impurities. 

4. Adsorption does not necessarily imply chemical change, although 
it is frequently accompanied by such change. For example, the dye 
known as Congo red is an acid, and the acid is blue in colour. When 
aluminium hydroxide is added to the blue solution in water a blue 
suspension is obtained, the blue dye being adsorbed on to the hydroxide 
surface. On warming, combination takes place and the precipitate 
turns red. Sometimes the union between adsorbent and adsorbate is 
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so firm that the product appears to lie intermediately between a mixture 
and a eompound. It is then termed an adsorption compound. 

5. When not a(x*ompanied by chemical change, adsorption is a 
reversible process, equilibrium being established between the 
adsorbed layer and the bulk of the unadsorhed material, much in the 
same way as in the case of a solute distributed between two immiscible 
solvents (p. 877), 

6. Adsorption may be selective. Thus solids frequently exert a 
preferential adsorptive effect upon certain gases. For example, char¬ 
coal adsorbs ethylene preferentially to coal gas. Numerous examples 
are known of selective adsorption of solutes from liquid solutions by 
solids, ])artieularly from electrolytic solutions. Thus, when ferric 
hydroxide is precipitated from solution it is usually electropositive and 
tends to adsorb selectively electronegative ions (p. 459). Similarly, 
arsenious sulphide is usually electronegative when thrown out of 
solution and tends to adsorb selectively electropositive ions. Charcoal 
adsorbs many colouring matters from aqueous solution and is used in 
refining sugar (}). 482). Colloidal silica selectively adsorbs dissolved 
impurities from such liejuids as j>etroleum oils, motor spirit and waxes. 

Adsorption of Gases by Solids. —If a bottle half-filled with 
magnesia or zinc oxide is shaken, the solid ])owder surges like a liquid. 
The particles actually do not touch one another ; they are separated 
by adsorbed gas. 

Adsorption is favoured by low temperature, and wc have already 
seen tliat at low temperatures j>orous substances like charcoal can 
absorb \'ery large c[uantitics of gas (p. 857). (For this reason the 
containers of the gas masks used by our troo})s during the Great 
European War (1914 to 1918) contained nut-charcoal to effect the re¬ 
moval of poison gas.) It is diflicult in these cases to draw the line 
between adsor])tion and absorption, but adsorption must precede 
absorption in j)oint of time. In this connection it may also be of 
interest to meiition that in the production of high vacua the apparatus, 
w'hich has already been attached by hernutic sealing to a bulb con¬ 
taining coconut charcoal, is filled with carbon dioxide; the bulb is 
immersed in liquid air and the carbon dioxide is absorbed so rapidly 
and completely that the })ressure may almost immediately be reduced 
to a fraction of a millionth of an atmosphere. 

Langmuir's Theory of the Mechanism of Gaseous Adsorption 
(1918). —Mention has already been made of the fact that purely physical 
adsorption is a reversible proc^ess, and is the result of the reaching of a 
state of equilibrium between the proc^esses of condensation and eva})ora- 
tion. We may assume that the adsorbed layer is usually mono- 
molceular, as, for exam})lc, in the ease of the permanent gases under 
low pressures, although evidence is not wanting that in certain cases, 
such as the adsorption of readily condensible vapours, the films may 
be multimolecular in thickness. 

Langmuir (1918) suggested that when gas molecules impinge on 
a solid (or liquid) surface, they usually condense, being adsorbed by 
forces akin to those holding the atoms of the solid together. If these 
forces are strong, the rate of evaporation of the molecules may be so 
retarded that the solid surface becomes virtually covered with a mono- 
molecular layer of the adsorbed gas molecules. If the forces are weak, 
the “ life ” or period of attachment of the adsorbed molecules to the 
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solid surface is brief, so that the total number of molecules adsorl>ed 
at any instant is relatively small, and the whole area of the solid 
surface is not covered. 

The surface of a crystal may be regarded as resembling a checker¬ 
board. Upon adsor])tiou, gas molecules orient themselves with respect 
to the surface lattice of the crystal, and thus tend to form a new lattice 
above the old one. Each unit of area of a crystal will thus contain a 
definite number of “ elementary spaces,” as Langmuir terms them, 
each callable of holding one adsorbed atom or molecule. It is hardly 
to be exj)ccted that these elementary spa(‘es ” will all be alike ; 
often there may be several kinds of sucli spaces on the surface of a 
crystal of complex chemical composition. In a mica crystal, for 
example, it may be that both oxygen and hydrogen atoms, arranged 
in a regular lattice, constitute the surface, and that different “ elemen¬ 
tary, spaces ” are surrounded by different numbers or arrangements of 
atoms. Thus, for example, the following is a conceivable arrangement: 


II 

O 

H 

H 

0 

H 

H 

H 

O 

II 

II 

0 

O 

II 

H 

O 

H 

H 

II 

0 

H 

H 

0 

H 


and so on. 

If we assume that the adsorbed atoms take up positions over the 
squares formed by four adjacent atoms in the lattice, the diagram gives 
two kinds of “ elementary spaces,” namely, 

HO , OH. 

H H H O 

If, on the other hand, the adsorbed atoms arrange themselves directly 
above the surface atoms, there will still be two kinds of “ elementary 
spaces.” The tendencies of the different “ elementary spaces ” to 
adsorb molecules will not necessarily be identical ; in that case, vSome 
lattices will become more quickly filled than others, and upon increasing 
the pressure of the gas the different kinds of* spaces will become suc¬ 
cessively filled with adsorbed molecules. It may happen that the 
gas molecules are slightly too large for the “ elementary spaces,” so 
that only by crow^ding together can they be made to occupy adjacent 
spaces, which may make the complete saturation of the surface a 
matter of difficulty. Such a phenomenon is a form of steric hindrance. 

The surface atoms of amorphous substances like glass probably are 
not arranged in a regular lattice formation, so that an indefinite number 
of different kinds of “ elementary spaces ” may exist. 

Langmuir has attempted to develop his theory of adsorption 
quantitatively. From the rate of effusion of gases through small pores, 
he calculates that the rate at which gas molecules come into contact 
with a surface is given by the equation 

• • (» 

where m is the mass in grammes of the gas of molecular weight M 
impinging on each square centimetre of surface per second, undet a 
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pressure of P atmospheres at T® abs. the gas constant, is taken as 
8-82 X 10*^ ergs. 

If n is the number of gramme-molecules of gas striking each square 
centimetre per second, then 


_ m _ P _ 


= 43-75 X 10 


P 

"" V Ilf 


( 2 ) 


Of the molecules impinging on the surface we may assume that the 
fraction a will condense and remain held by surface forces until it 
evaporates aw^ay again. The rate at whic-h the gas condenses will thus 
be an. 

Let Nq represent the number of “ elementary s])aces ” per square 
centimetre of surface ; then, if the adsorbed layer is mo no molecular, 
Nq represents the largest j)ossil)lc number of adsorbed molecules. 
When a molecule strikes a portion of the surfac-c alr(‘ady covered, 
Langmuir assumes that it evaporates away so quic^kly as for the process 
to be, in effect, equivalent to a rellcction. Therefore the rate of con¬ 
densation on the surface is ariq, where g rej>res(‘nts the fraction of the 
surface uncovered. Similarly the rate of evaporation of the molecules 
from the surface is given by i/(l -q) where v is the specific rate of 
evaporation, that is, the rate at w^hi(*h the gas would evaporate if the 
surface were completely covered, and (1 -(/) is the fraction of the 
surface actually covered. 

When equilibrium has been established, the rates of evaporation 
and condensation are equal, and 


whence 


anq =i/(l -q) 


1 


an 

an -f V 


(3) 

(4) 


Denoting the “ relative life ” or period of attachment of the 
adsorbed molecules to the surface by A, we have 



V 


Substitution of this in equation (4) gives 


1 




(5) 


( 6 ) 


If X is the number of gramme-molecules of gas adsorbed per square 
centimetre of surface, and N is Avogadro’s number, then 


N , An 

== 1 —• g == r— . 

Nq ^ I +An 


(7) 


Since, from equation (2), n oc VP, both n and x can be determined 
experimentally, so that and A can be calculated. 

Now the “ average life ” of the atoms condensing on the surface is 
given by NJNv, whilst the average life, t, of all the atoms striking the 
surface is oNJNv, So that, from equation (5), 
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so that 


For very low pressures 


Nv~ N 

'TUI 

- . 

1 


OC = Til . 


(8) 

(9) 

( 10 ) 


since An is negligibly small with reference to unity. At high pressures 
An beeoines very large with respect to unity, so tliat x approaches a 
saturation value given by 



^0 
N * 


( 11 ) 


corresponding to the case where every “elementary space” contains 
one adsorbed molecule. At these high pressures the amount of gas 
adsorbed will not vary with the temperature except in so far as Nq 
is dependent on the temperature. 

In the foregoing it is assumed that the plane adsorbing surface 
contains only one kind of “ elementary space,” and that each space 
(?an hold only one molecule. The equations be(‘onie more complicated 
when more kinds of “ elementary spaces ” tlian one are supposed to 
exist, and when each space can hold more than one adsorbed molecule. 

Langmuir points out that there is good reason to believe that the 
forces holding adsorbed molecules act primarily on the individual 
atoms rather than on the molecules. If these forces arc sufliciently 
powerful it may happen that the atoms leaving the surface have become 
paired in a different manner from that in the original molecules. 

Let us, for cxani]de, consider the adsor[)tion of a diatomic gas like 
oxygen, and assume that each atom occupies one “ elementary space.” 
In order that a given molecule impinging on the surface may condense 
and be retained for an appreciable time, two adjacent “ elementary 
spaces ” must be vacant ; the rate of condensation is tlius anq\ and 
when equilibrium is established 

anq^ ==v(l 

and the number of gramme-molecules, x, of oxygen adsorbed per unit 
area is given by 


In the following table are given values for the “ relative lives,” A, 
of several gases adsorbed on glass at 90'' abs. as determined experi¬ 
mentally by Langmuir. The approximate number of molecules required 
to form a monomolecular layer can be estimated from the density of 
the “ gas ” when in the liquid state. This number is always less than 
the value found for Nq from adsorption experiments, as shown in the 
final column of the table, where 


iS 


Experimental Nq 
Calculated Nq 


and thus represents the fraction of the saturated solid surface covered 
by adsorbed molecules. 
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Relative Lives” of Gas Molecules Adsorbed on Glass 
at 90^ Abs. 

(Langmuir, 1918.) 


Gas. 

(seconds). 

N,. 

f}- 

Nitrogen 

101,000 

0174 X IQi® 

026 

Oxygen 

97,000 

0108xl0>» 

014 

Argon .... 

70,000 

0-151 X lOis 

0-20 

Carbon monoxide . 

95,000 

0-208 X 10“ 

0-32 


Adsorption of Hydrogen by Tungsten Filaments.— When a 
tungsten filament is raised to a high temperature electrically in hydrogen 
gas at very low pressures, the gas apparently disap})ears, but is found 
to be adsorbed on the walls of the containing bulb in a chemically active 
condition. The ex])lanation appears to be as follows : Of the hydrogen 
molecules that strike the heated filament a certain proportion condenses 
on the metal as dissociated atoms which evaporate off again only 
slowly. Wlien any two such atoms occupy adjacent “ elementary 
spaces ” they can unite to re-form molecules of hydrogen which evaporate 
off rapidly. But a considerable pro})ortion of the atoms will occupy 
isolated spaces ; their lives or periods of attachment will be longer 
than those of hydrogen molecules because of their unsaturation. 
Eventually, however, they evaporate off as atoms and become adsorbed 
as such on the walls of the bulb, where they retain their chemical 
activity for an appreciable time, even after the tungsten filament has 
been allowt'd to cool. They will, for example, interact with gaseous 
oxygen at the temperature of the room. The proportion of the hydrogen 
gas dissociated at various temperatures has been calculated, with the 
following results : 

At 1700° C.0-33 per cent. 

„ 2200° C .31 

„ 3200° C.34 

In the presence of a trace of water vapour, a volatile oxide of tungsten 
is produced which condenses on the walls of the bulb, w^here it is 
reduced by the adsorbed atomic hydrogen, w’^ater vapour being re¬ 
formed and a deposit of tungsten left on the glass. The trace of water 
may thus catalytically cause the transfer of a large quantity of tungsten 
from the filament to the glass. 

Adsorption of Liquids by Solids. —Solids are only “ wetted ” 
by liquids when adsorption takes place. Under ordinary conditions 
mercury does not wet or adhere to glass. In order that a liquid may 
wet a solid it must remove the layer of adsorbed gases. If the adsorbed 
gas be removed with the aid of a high vacuum, mercury may be made 
to adhere to glass. The effective removal of adsorbed gases from 
pigments is one of the problems confronting the manufacturer. The 
pigment is subjected to a prolonged grinding with linseed oil because, 
to obtain a good paint, it is essential that the gases adsorbed on the 
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surface of the pigment shall be displaced by the oil, so that intimate 
contact between the two may be established. 

Adsorption plays a most important part in the lubrication of 
machinery. It is found that the addition of 1 to 2 per cent, of fatty 
acids to a mineral oil increases its lubricating power. The acids 
lower the surfa(‘e tension of the oil, and thus accumulate at its 
surface in accordance with principles already discussed (p. 256). It is 
supposed that the carboxylic groups of the acids attach themselves by 
what may be termed the latent valences of the oxygen to the metal, 
with their hydrocarbon chains floating out into the mineral oil, much in 
the w^ay that a caterpillar frequently clings to a twig with its prolegs 
and allow's its body to project into the air. The resistance to shear is 
then between the hydrocarbon tail of the fatty acid and the molecules 
of the mineral oil, accompanied by little or no movement on the actual 
surface of the metal. Friction is thus reduced. 

One of the best methods of eliminating traces of oil from boiler feed 
w^aters consists in adding aluminium sulphate and sodium carbonate to 
them. A gelatinous precipitate of aluminium hydroxide is ]>roduced, 
w^hich adsorbs the particles of oil. The |)reeipitate may be removed by 
sedimentation or filtration, and the water is completely freed from 
the oil. 

Adsorption from Solutions.—It is w^ell known that if ordinary 
brow'n vinegar is shaken with charcoal and filtered, a colourless filtrate 
is obtained. The browai (‘olouring matter has been selectively adsorbed 
by the charcoal. In the refining of sugar, the w^arm, brow^n-eolourcd 
solution of raw sugar is admitted to “ char cisterns,” that is, cast or 
WTOUght iron cylinders fitted with perforated false bottoms and charged 
with animal charcoal. The whole is usually allowT.d to “ settle ” for 
several hours, and when the taps at the bottom are opened, the eoloxirless 
liquor Hows out. 

The adsorption of dissolved substances from solutions by solids 
plays a very important part in many chemical reactions. In quantita¬ 
tive analysis it frequently happens that a j>recipitate carries down wdth 
it appreciable quantities of other substances, these either being ad¬ 
sorbed, or in solid solution. Thus, in estimating alkali sulphates by 
precipitation as barium sulphate by addition of barium chloride, the 
barium sulphate is contaminated with appreciable quantities of barium 
chloride and/or alkali salt, according to circumstances. Similarly, 
when hydroxides of iron, chromium and aluminium are precipitated 
in the course of a systematic qualitative analysis, they tend to adsorb 
zinc and calcium, and these latter elements may be entirely overlooked 
as the analysis proceeds. The adsorption is rendered less serious by 
employing dilute solutions, with only a slight excess of ammonium 
hydroxide, and sufficient ammonium chloride. When ferric hydroxide 
is precipitated from solution in the presence of an alkali arsenite, some 
arsenic is adsorbed ; indeed, if the arsenite solution is dilute and iron 
is present in great excess, the whole of the arsenic may be removed 
from solution by adsorption in this way. Bunsen first directed atten¬ 
tion to this in 1834, and freshly precipitated ferric hydroxide has long 
been recommended as an antidote for cases of arsenical poisoning 
(see p. 439). 

Adsorption has been utilised very effectively in the separation of 
radioactive elements. These visually are present in the raw material in 
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minute quantities only, so minute that it would be impossible to separate 
them by the ordinary process of precipitation followed by filtration. 
The difficulty is overcome by adding precipitable quantities of what 
may be termed a type ” element. Thus, for example, radium and 
barium both belong to Group II of the Periodic Table and both yield 
insoluble sulphates (p. 362). If, therefore, a given solution contains 
traces of radium, on addition of barium chloride and precipitation with 
sulphuric acid, radium sulphate is precipitated along witli the barium 
sulphate. In a similar manner polonium may be y^recipitated along with 
bismuth as sulyihide, and so on. 

In his classical researches on the atomic weights of the elements, 
the Belgian chemist Stas, working during the middle of last century 
with an accuracy which then was almost |)henomenal, used large 
quantities of material for his ]>rcci}>itations. In the case of silver, for 
example, he used from 70 to 405 grammes. The result was that his 
j^recipitates were contaminated owing to adsory^tion of reagents from 
the solutions, a source of error not reciognised at the time. The atomic 
weights determined by Stas thus were slightly less correct than they 
would otherwise have been in view of the great (‘are with which the 
exy^eriments were carried out. The atomic weight of silver, for examy^le, 
was given by Stas as 107*93 (0^16), whereas the aecey)ted value 
to-day (1931) is 107*880. This error was y^artieularly unfortunate, 
for the atomic weight of silver may be regarded as a “■ key ” value, as 
the determination of many other atomic weights involves a knowledge 
of that of silver. 

The nature of the solvent is very im|)ortant in determining the 
extent to which a solid can adsorb a dissolv^ed solute. Thus, for 
example, an aqueous solution of (Crystal Violet may be shaken with 
charcoal until colourless ; but if the water is yxmred off and alcohol 
added, the li([uid becomes coloured, for some of the dye is extracted 
from the charcoal, the equilibrium concentration in the alcohol being 
greater than in the water. 

In general it may be said that substances which are themselves 
readily adsorbed tend as solvents to y>revent the adsorption of solutes dis¬ 
solved in them. If, for example, to charcoal suspended in y)hcnol as solvent 
other substances such as methyl alcohol, stearic acid or benzene be added 
as solutes, these solutes arc not adsorbed by the charcoal (Richardson 
and Robertson, 1925). 

Davis (1907) found that the amount of iodine ailsorbed by sugar 
charcoal from equivalent concentrations in different soh ents increased 
with the nature of solvent as follows; 

Alcohol, Benzene, Ethyl acetate. Toluene, Chloroform. 

(Least) (Moi^t) 

The order of relative adsorption was not the same for other Ibrms of 
carbon, namely, animal charcoal and coconut charcoal. 

If we assume that the adsorbent is able to adsorb both solute and 
solvent an explanation is to hand for the interesting fact that adsory^tion 
of the solute may be y>ositive, nil, or even negative, for this will depend 
upon whether the sohite is more strongly, equally or less strongly 
a^orbed than the solvent (Williams, 1914). In the last-mentioned 
case a solutioh shaken up with the adsorbent actually increases in con¬ 
centration owing to the selective adsorption of the solvent. 

TOL.L 
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As in solid-gas systems, it may not be easy to determine where 
adsorption ends and dissolution begins. Whilst adsorption will precede 
dissolution, it does not follow that adsorption will be complete before 
dissolution begins, although it may be so rapid that it is complete 
before dissolution is appreciable. Thus Davis (1907) showed that the 
absorption of dissolved iodine by various charcoals from solution in 
organic solvents consists of adsorption which is very ra})id and is quite 
complete after some hours, follow^ed by diffusion into the interior, whi(*h 
proceeds for weeks or months, yielding a solid solution. 

Measurement of the electrical conductivity of aqueous solutions of 
ferric chloride show^s a gradual increase after dilution, a definite maximum 
conductivity being reached ultimately for each concentration of the 
salt. The time required to reach a final stage of equilibrium varies 
with the concentration. For a 0-0001-normal solution some three hours 
arc required, whilst a week is usual for a 0*()00G-normal solution. This 
increase in conductivity is due to hydrolysis, 

FeCla + 3 H 2 O =:Fe(OH)3 +3HC1, 

but the difficulty is to understand the extreme slowness with wdiich the 
equilibrium is attained, for the hydrolysis should take place w^ith 
rapidity. The suggestion has been made that the hydrolysis proceeds 
stepwise, thus 

FeCl3—^ FeCl2(01I) —> FeCl(0H)2~> Fe(OII)3. 

It is not indicated, however, why any one of the steps should require 
so long a time for completion. A suggestive theory, supported by ultra- 
microscopic examination, has, how^ever, been advanced by Wagner 
(1913), according to which hydrolysis is instantaneous, but the gradual 
change in conductivity is due to changes in the surface areas of the 
colloid jmrticles. At first these particles are small, so that the specific 
surface (]). 12) is enormous, and j)raetic{Uly the whole of the liberated 
acid is adsorbed. With time the particles gradually increase in size, 
becoming less numerous, so that the specific surface falls, liberating 
proportionate amounts of the adsorbed a(’id. * The conductivity thus 
rises. 

The adsorption of emulsoids by solids is dealt with later (p. 472). 

Adsorption of Liquids by Liquids. —The conditions that must be 
satisfied before one liquid can spread by surface action over another 
have been discussed (p. 255), and it was mentioned that such spreading 
occurs in monomolecular layers, that is, in layers of superficial solution 
in which the spreading liquid is one molecule in thickness. In the 
case of organic acids and bodies containing hydroxyl groups floating 
on water, Langmuir suggested that the molecules in the film are 
orientated on the surface of the water, the oxygenated groups being 
attracted by forces akin to, or identical with, chemical valency, and 
thus held more or less rigidly to the surface of the water, their hydro¬ 
carbon chains having no tendency to dissolve, but remaining project¬ 
ing vertically as explained in connection with the lubrication of solid 
surfaces (p. 432). 

Adsorption Layers of Solutions.—This may be regarded as a 
special case of solution. We have already seen that when a substance 
dissolves in a liquid, the surface tension of the latter is altered^ If the 
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solute lowers the surface tension of the solvent, it will tend to accumu- 
late in the surface layers ; but if it raises the surface tension the surface 
layers will be less concentrated, for the solute will accumulate in the 
bulk of the liquid. These differences in concentration are particular 
cases of adsorption, whi(!h is regarded as positive in the first case and 
negative in the second. 

Let the concentration of the solute in the bulk of the solution be 
represented by C, and the excess concentration in unit area of the liquid 
surface by u ; it can be shown that 


dU 


( 1 ) 


where FI is the osmotic ])rcs.surc and is the differential coefficient of 

the function (fonnccting the surface tension and the concentration of 
the solution. It is here assumed that the solute is un-ionised and 
electrically neutral. 

For dilute solutions 

as shown on p. 387 ; whence 

dll ^RTdC, 


Inserting this value for dll into equation (1) we have 

C do 

M = - -Jc' 


( 2 ) 


This is the Gibbs-Thomson formula. It was tested qualitatively 
by Miss Benson (1903) with an aqueous solution of amyl alcohol. This 
alcohol reduces the surfac^e tension of water and should therefore 
accumulate in the s\irfaee layers. A eo])ious froth was produced on 
the liquid and its alcohol content compared with that in the Imlk of 
the liquid. The results w ere as follows : 

C.c. alcohol per litre. 

Original solution . . . . . . 4-00 

Froth (meaiiof 4 expts.) .... 4*14 

The froth thus contained some 3*5 per cent, excess of amyl alcohol 
over that in the bulk of the liquid. 

A quantitative verirication of the formula is much more difficult, 

for it is necessary to determine the value of “ for a given coiu^entration 

C, and also the area of the surface, so that the excess of solute in unit 
area, that is, the term u in equation (2), can be evaluated. The changes 
in concentration probably are confined to a depth of only a few Ang¬ 
strom units below the surface. The evaluation of u has not yet been very 
satisfactorily achieved. In 1911 Doniian and Barker experimented with 
a solution of nonylic acid in water. The ratio dajdC was determined, 
adsorption being produced by passing air through the solution in such a 
manner as to give a known number of bubbles of definite size. Their 
results, however, gave too high a value for w, probably because the 
formation of the bubbles was too rapid, and did not allow sufficient time 
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for equilibrium to be obtained between the surface and the bulk con¬ 
centrations. 

The Gibbs-Thomson formula assumes that the solute is un-ionised 
and electrically neutral. If the solute is ionised complications arise, 
which are dealt with later (VoL II). 

It will be obvious that whilst a solute may reduce the surface tension 
of a solution very appreciably, it can only iruTcase it to a small extent. 
Thus a solute which decreases the surface tension tends to accumulate 
in the surface layers and may become highly concentrated in these 
layers, reducing the surface tension })roportionately. But a solute 
which increases the surface tension accumulates in the bulk of the 
liquid, so that the surface tension effect is in part neutralised by the 
concentration effect. 

Although in considering the Gibbs-Thomson formula we have 
chosen illustrations from liquid systems, no assum])tion was made in 
the calculation about the natxirc of the phases. The formula, therefore, 
holds for various kinds of boundaries, such as solid gas, solid-liquid, 
liquid-liquid and liquid-gas. 

Methods of Determining the Extent of Adsorption. 

The adsorption of gases and va])ours by solids is usually determined 
by weighing, or by heating in a vacuum and measuring the volume of 
the evolved gases. Using powdered glass as his adsorbent, Miilfarth 
in 1000 determined with considerable accuracy the relative adsorptions 
of carbon dioxide, nitrous oxide, ammonia and other gases. To deter¬ 
mine the absolute adsorption per unit area it is nec'cssary, however, to 
know the surface area of the adsorbent. Glass wool is frequently used, 
therefore, since its surface area is easily determined if the fibres are 
of uniform diameter. In their experiments with carbon dioxide Evans 
and George (1923) packed a known weight of glass fibre into a glass 
vessel, B, which was then evacuated t© the lowest vacuum obtainable 
and heated to 300° C. during the evacuation. In this way it was 
believed that any adsorbed vapours and gases were completely removed 
from the glass fibres, the surface area of which totalled 103,500 sq. cm, 
A second glass vessel. A, of known volume, contained carbon dioxide, 
the temperature and pressure of which were noted. A was then con¬ 
nected with B and the pressure was again noted. From the known 
volumes of A and B the resultant pressure was calculated on the assump¬ 
tion that no adsorption of carbon dioxide had taken place. The 
difference between this value and the observed pressure gave the 
pressure which the adsorbed carbon dioxide would have exerted in the 
volume A + B at the known temperature. It was easy, therefore, to 
deduce the amount of carbon dioxide adsorbed by the glass fibre 
in B. 

Assuming the condensed gas to have the same density as liquid 
carbon dioxide, the thickness of the adsorbed layer could be calculated. 
This was found to be equivalent to 5-5 molecules at a pressure of 
121 mni. at 0° C. 

From the relative adsorbabilities of other vapours wdth reference 
to carbon dioxide the corresponding thicknesses of their adsorbed 
layers under analogous conditions have been calculated to be as 
follows: 
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Thicknesses of Adsorbed Vapour Layers. 

(Evans and George, 1923.) 


Vapour. 

Molecular 

Diameter, 

cm. 

Molecular T^yer, 

Carbon dioxide . 

5*1 xlO 8 

5*5 molecules 

Ammonia . 

4 02 

39*9 

Sulphur dioxide 

4-84 

321 

Nitrous oxide . 

4-38 

4'5 

Acetylene 

5 09 

3*5 


The adsorption of solutes in liquids by solid bodies is usually investi¬ 
gated by methods involving filtration of the equilibrium mixture and 
subsequent estimation of the eoneeritration of the solute in the filtrate. 
Thus, for example, an aqueous solution of aeetie acid of known con¬ 
centration is shaken with cliareoal. After filtration the concentration 



of the acid is again determined by titration, the difference giving the 
amount of acid adsorbed by the charcoal. 

The extent of adsorption may be estimated also eryoseopically 
(Richardson and Robertson, 1925). One advantage of this method is 
that the rate of change of adsorption with concentration is easily 
followed. With the aid of the ordinary Beckmann freezing point 
apparatus (p. 405) the depression of the freezing point of the solvent 
by various additions, Ai, A^, A^, etc. (fig. 180) of solute in the presence 
of a given quantity of charcoal is determined. Curve B 1 B 2 B 3 connects 
the depression with the concentration in the absence of charcoal. The 
distances A^Bi, A^Ba, etc,, therefore give the concentrations of 
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solute in the charcoal, and BiSj, BgSg, B 3 S 3 , etc., the concentrations of 
the solute in equilibrium with the charcoal, so that the desired ratio 
of the concentrations is easily determined. 

The extent to which solutes arc adsorbed in the surface layers of 
liquid solvents is by no means easy to determine with accairaey. 
Mention has already been made (p. 4*15) of Donnan’s work in this 
connection. 

The Adsorption Isotherm. —The distribution of a solute between 
two immis(*ible solvents has already been studied under the designation 
of the Partition Law (p. .*177). VVe saw that, if and C represent 
the equilibrium concentrations of a solute in two solvents, 

C 

= constant . . . . (3) 

where n gives the degree of association of the solute in the second 
solvent. 

Equation (3) obviously may be written : 

.( 4 ) 

(> 

and if we replace by itjm, where x is the mass adsorbed and m is the 
mass of adsorbent, e<iuation (4) becomes 

~=kVc .(5) 

m ^ ' 

which is the equation of an ordinary parabola. This is termed the 
Adsorption Law or the Adsorption Isotherm of Freimdlich. 

If we logarise, we have 

log X - log ~ ~ log C + log /j . . . ( 6 ) 

The variables here are log x and log C\ and if these are plotted as 
abscissae and ordinates respectively, a rectilinear curve is obtained. 

In general the exponent i is found to lie between 0*2 and 0*5. 

In the case of gases C is replaced by the pressure. 

The value of k depends upon the units adopted, whilst n is a function 
of both the adsorbent and adsorbate or adsorbed material. The law 
is only approximately true, for n varies somewhat with the concen¬ 
tration. As the temperature is raised, l/n approaches unity. The 
gradual rise in l/n and rapid fall in the value of k with rise of tempera¬ 
ture is well illustrated by the data given below for the adsorption of 
carbon dioxide by charcoal (Travers, 1906): 

Temperature, ^C. . . -78 0 35 61 100 

k ... . 14-29 2-96 1-236 0-721 0-324 

- . 0 188 0-888 0-461 0-479 0-518 

n 

Mention has already been made (p. 432) of the fact that freshly 
precipitated ferric hydroxide adsorbs arsenious acid from solution* 
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The extent of the adsorption is given by the equation 

a? = 0-631 UC, 

The following tlata illustrate the general agreement between the 
ealeulatcd and observed values of C for corresponding values of x 
(Biltz, 1904) : 


X 

(>•251 

0-415 

0-549 

()-7r2 

0*824 

C obs. 

0 010 

0-107 

0-495 

1-898 

3-875 

(' calc. 

0010 

0-123 

0-498 

1-829 

3-797 


The solubility of oxygen in blood does not follow Henry’s Law 
(p. 345), according to which the solubility of a gas is proportional to 
the pressure. Experiment shows that large amounts of oxygen are 
absorbed at low ])ressures by blood as compared with at pressures 
of several atmospheres. The explanation usually offered is that the 
oxygen combines with the luemoglobin of the blood to form the charac¬ 
teristically bright red oxyhiemoglobin of arterial blood, which readily 
dissociates when the pressure of the oxygen is reduced. This, however, 
cannot be the whole explanation for several reasons, one of which 
may be mentioned, namely, that complete absorption of oxygen is not 
effected even under a pressure of 10 atmos})heres. 

In 1007 Wolfgang Ostwald directed attention to the fact that the 
amounts of oxygen absorbed by the blood at various pressures are 
expressed by the adsorption formula 


where the equilibrium conc-entration of the gas is denoted by the 

pressure p. The value of ^ was found to be 0-34. It appears probable, 

therefore, that adsorption takes place, probably on the surface of the 
dis}3erse phase in the blood. 

It is interesting to note that the amount of oxygen thus taken up 
by the blood is very much greater than that absorbed by pure water. 
This is evident from the following data : 

C.c. Oxygen measured 
Solvent. at N.T.P. Absorbed 

by JOO c.c. of Solvent 
from the Atmosphere. 

Water ..... 0-7 

Dog’s blood . . . .24 

Human blood .... 38-19 

The mean heat of reaction of oxygen with haemoglobin at 22° C. is 
given as 6950 calories, whilst that of carbon monoxide and haemoglobin 
is 14,700 calories. The difference is noteworthy in view of the well- 
known poisoning action of the latter gas. 

The Properties of Adsorbed Gases.— Adsorbed gases usually 
manifest a greatly enhanced chemical activity. The adsorbed gas 
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must be regarded as in a distorted molecular condition, and thus more 
ready to react chemicall}^. Thus hydrogen adsorbed on to palladium 
shows much greater reducing power than the normal gas. Hydro¬ 
genated palladium preci[)itates mercury and mercurous chloride from 
an aqueous solution of mercuric chloride without any evolution of 
hydrogen. It reduces ferric salts to the ferrous state and potUsSsium 
ferricyanide to ferrocyanide so completely that the reduction may be 
used for analytical purposes. It reduces chlorine water to hydro¬ 
chloric acid, iodine to hydriodic acid, chromates to chromic salts, and 
ceric to cerous salts, whilst cupric, stannic, arseni(*, mangani(‘, vanadic 
and mol 3 'bdic salts are also partially reduced hy it. The reduction of 
a ferric salt to the ferrous condition ma}’' be demonstrated very effec¬ 
tively by an experiment described b}^ Newth. A j)ieee of palladium foil 
is heated to redness and then charged with hydrogen by making it the 
cathode in a cell containing acidilied water through which an electric 
current is passed. When sufiicient hydrogen has been adsorbed, the 
foil is withdrawn and dipped momcntaril}" into a solution of ferric 
chloride. It is then suspended in a dilute, acidified solution of potas¬ 
sium ferricyanide, w hen the ferrous chloride formed by reduction betrays 
its presence b\’' yielding an immediate blue coloration. 

Reference is made on p. 442 to the chemical activity of oxygen 
adsorbed on charcoal at temperatures ranging from atmospheric up 
to 100° C. 

The Heat of Adsorption. —Since rise of temperature reduces 
adsorption, it follows, from Le Chatelier’s Theorem (p. 23), that 
adsorption is accompanied by the evolution of heat, quite apart from 
any thermochemical effects that may result subsequently from inter¬ 
action of adsorbent and adsorbate. In the following table are given 
the heats of adsorption of a few gases on metals at 0° C. expressed as 
grarnme-ealories 23er gramme-molecule of gas ; 


Heats of Adsorption of Gases at 0° C. 


Adsorbent. 

Adsorbate. 

Heat Evolved, 
Calories. 

Platinum . . .| 

Palladium 

Nickel . . . 

Copper .... 

Hydrogen 

Carbon monoxide 

Hydrogen 

Hydrogen 

Ethylene 

Hydrogen 

13,760 

35,000 

18,000 

11,340 to 12,000 
5845 

9500 


The heats of adsorption, Q, of many organic vapours by charcoal 
may be represented by the equation : 

.(7) 

where a? is the number of cubic centimetres of vapour adsorbed, and 
m and n are constants (Lamb and Coolidge, 1920). A few data are as 
follows: 
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Vapour. 

m. 

n. 

Carbon tetrachloride . 

()-89a 

0-930 

C’hloroforrn 

0*829 

0*935 

Carbon disulphide 

0*752 

0 920 

Methyl alcohol . 

0*742 

0*938 

Benzene .... 

0-774 

0-959 


Tlie following points are worthy of note : 

(i) The constant w is very nearly unity, so that Q decreases only 
slightly with increasing adsorption ; in other words, the adsorptive 
forces show little evidence of fatigue. 

(ii) The quantity of vapour adsorbed under comparable conditions 
of temperature and pressure is inversely proportional to the molecular 
volume of the adsorbate when in liquid form. 

(iii) The greater the number of molecules adsorbed at a given 
pressure, the less is the heat of adsorption. 

(iv) If we assume the adsorbed gas to be in the liquid state, the 
molecular heat of adsorption, //, less the molecular latent heat of 
condensation, L, gives what may be termed the “ net ” molecular heat 
of adsorption. Dividing this by the molecular volume, V cubic centi¬ 
metres, of liquid adsorbate gives the net heat of adsorption per cubic 
centimetre. The value is found to be closely similar for all the liquids 
examined. The following table illustrates this point: 


Net Heats of Adsorption on Charcoal. 


Substance. 

H. 

L, 

U-L, 

H-^L 

V * 

Carbon tetrachloride . 

16,090 

7077 

9013 

84*8 

Chloroform 

14,930 

8000 

6930 

87*5 

Carbon disulphide 

12,630 

6830 

5800 

99*1 

Methyl alcohol . 

12,950 

9330 

3620 

90*8 

Benzene .... 

15,170 

7810 

7360 

850 


This indicates that the heat of adsorption is due to the attractive force 
of the charcoal on the liquid, and that for a given volume of liquid, that 
is, for a given volume of filled capillary space, the heat liberated is 
nearly constant. 

When the adsorbate unites chemically with the adsorbent, the 
normal heat of adsorption is enhanced by the heat of union. In this 
connection a study of the heat of adsorption of oxygen by charcoal is 
of interest (Garner and McKie, 1927). In view of its formation from 
cellulose or sugars, it is believed that the most probable structure of 
amorphous carbon is that of an interlocking network of carbon chains, 
and we may therefore represent a section of the surface by the scheme 

C C C C C C C etc. 
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With this structure, adjacent carbon chains will touch at points 
irregularly along their length. Where contact occurs between carbon 
atoms of adjacent chains, powerful cohesive forces will keep the atoms 
together in a state resembling chemical combination ; but there 
probably exist at other places atoms of carbon which are not fully 
saturated by neighbouring atoms, and which therefore possess an 
excess of potential energy. Such of this energy as occurs on the 
surface would tend to be liberated during adsorption. There are three 
simple w’ays in wdiich oxygen molecules may be attached to the surface 
carbon atoms, namely, 

O 

II 

o 

c c c 

1 


c 

1 

o 

0 0 


II li 

c c c 

c c c 

Tl 

III 


Of these the first rej)rt\sents a purely physical and reversible proc‘ess. 
This occurs at low temperature's and under high initial gas pressures, 
since the adsorbed gas can be recovered as oxygen on decreasing the 
pressure or on raising the temperature (Dewar, 1904). Ty])es II and 
III will yield carbon dioxide and carbon monoxide respectively on 
desorption. The heat of the first type of adsorption is only about 
3 kilogram-calories per gramme-molecule of oxygen adsorbed. As the 
temperature is raised the heat of adsorption, Q, rises as shown below : 


Relation between 0 and Temperature. 


Q (Kilogram-calories) 

70 

91 

108 

114 

no 

154 

224 

rc . 

18 

57 

100 

150 

200 

300 

450 


Upon desorption at 100° C., oxygen admixed ,w ith carbon dioxide is 
liberated. Probably as the temperature rises from atmospheric to 
100° C. adsorption of type I with increasing amounts of type II occurs. 
Betw^een these temperatures the physically adsorbed molecule of 
oxygen is probably somewdiat distorted, as part of the adsorbed gas 
possesses unusual chemical activity. It will readily oxidise oxalic acid 
and amino-acids, which suggests that the union of the two atoms in 
the molecule has been weakened. Between 100° and 200° C. the value 
of Q is fairly constant and type II probably predominates, types I and 
III occurring, but to a less extent. At higher temperatures type III 
becomes increasingly predominant, the percentage of carbon monoxide 
in the desorbed gases rising. 




CHAPTER XXII. 


THE COLLOID STATE. 

The first systematic study of substances in what is now termed the 
colloid state originated with Graham in 1861. On pouring dilute 
aqueous solutions of various vSubstanees into small dishes made of 
parchment and floating on water, Graham observed that some of the 
dissolved substane(*s readily diffused or dialysed (Greek dia, through ; 
lyei% to loosen) through the })arehment, whilst others did not. This 
difference in the Ixhaviour 
of different substanci‘s may 
readily be illustrated ]>y 
j)ouring a dilute solution of 
}K)tassium iodide and stareli 
into a small glass cylinder, 
the bottom of whieh is 
covered with i)arelmient 
paper, as shown in tig. 181. 

The cylinder stands on a 
glass trij)od in a crystallising dish containing distilled water. After a few 
minutes a portion of the liquid in A is removed and cdilorine water 
added ; a ])ale yellow^ colour due to iodine shows that potassium iodide 
has diffused through the parchment from B, but no starch. Addition 
of a little starch gives a deep blue colour, contirming iodine. 

Graham found that the substances which diffused most readil}^ were 
in general crystalline in the undissolved state ; he therefore termed 
them crystalloids. Those bodies whieh did not diffuse readily were 
of a starchy or gluey nature ; these he designated as colloids (Greek 
kolla^ glue). The term “ colloid ” is now used in a much wider sense, 
as the sequel will show. It refers not to a ty]>e of substance, but to a 
condition of the dispersion of a substance in some medium, the peculiar 
characters of the substance depending upon the size of the particles. 

ClIAKACTKUISTlC FeATUKES OF COLLOIDS. 

1. Colloids are Polyphasic Systems. —A colloid consists of at 
least two phases, and thus constitutes a polyphasic or heterogeneous 
system. It contains a continuous phase or dispersion medium, 
in whieh are suspended minute particles of a second substance, termed 
the discontinuous or disperse phase. The particles of the disperse 
phase are too small to be seen, even with the aid of a microscope; 
they are believed generally to be spherical in shape, their diameters 
lying roughly between the limits of 1 fifJL and 100 fifi (p. 8). If the 
particles are appreciably smaller than 1 /a/x they become of approxi¬ 
mately molecular dimensions, and the system is a solution or a so-called 
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molecular dispersoid. If the particles are appreciably greater than 
100 fifi, the system loses its characteristic colloidal properties and 
becomes a suspension or macro-heterogeneous system. Between 
the limits of 1 jjLjx and 100 ja/x the disperse phase is stated to be in the 
“ colloid state.” The system is micro-heterogeneous, and is known 
as a sol (Latin solvere^ to loosen). If w^atcr is the liquid medium the 
system is known as a hydrosol, or often as an aquasol ; if alcohol, an 
alcosol ; if glycerol, a glycerosol ; if benzene, a benzosol ; and so 
on. Or the more general term organosol may be employed when the 
continuoiis phase consists of some organic liquid. It is not essential, 
however, that the continuous phase shall be a liquid; thus gaseous 
sols are known, as, for example, fogs and smokes. The continuous phase 
in these cases is the air, so these arc termed aerosols. On the other 
hand, the beautiful rich colour of ruby glass is due to colloidal particles 
of gold dispersed throughout the glass, which thus constitutes what is 
virtually a solid continuous phase. Again, the disperse phase need not 
be a solid; it may be a liquid, or it may even be a gas. Evidently, 
therefore, many different types of colloid systems are possible, closely 
analogous to the different solution systems which have already been 
discussed (Chapter XVII). They may be summarised as follows : 


Colloid Systems. 


1 

r + SOLID 

. Blue rock salt (p. 4G7). 

SOLID. . j 

+ LIQUID 
l+GAS . 

Adsorbed or occluded liquids. 
. Adsorbed or occluded gases. 


i +SOLID 

. Suspensoids. 

LIQUID . - 

+ LIQUID 

Emulsoids. 


l+GAS . 

. Foams. 

GAS . . -j 

r+SOLID 

. Sniokes. 

[ +LIQUID 

. Fogs. 


There is no GAS-GAS colloid systam, since gaseous particles are already 
of molecular dimensions and thus yield true solutions only, being 
mutually soluble in one another to an unlimited extent. 

The two phases of a colloid system need not be chemically different; 
they may be allotropes, isomorphs or polymorphs of each other, A 
good example is afforded by liquid sulphur, which contains three 
allotropic forms in dynamic equilibrium, namely, sulphur A, /x and tt 
( p, 181). At the point of maximum viscosity at least one of these 
forms is presumed to be in the colloid state, the other form or forms 
constituting the continuous phase. Such a system is an allocolloid* 
An isocolloid system consists of isomorphs or polymorphs. , 

2. Diffusibility. —As has already been mentioned, the disperse 
phase of a colloid system does not readily diffuse through parchment 
or other suitable septa. Indeed, it was this peculiarity which led 
Graham to study those substances closely and to found the science of 
colloid chemistry. 

3. Filtrability. —Colloid particles readily pass through all ordinary 
filters, and appear in the filtrate along with any dissolved nmtm^* 
This is readily understood from the following data (Bechhold* 1908): 
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Ordinary thick filter-paper 
Filter-paper 556 (Schleicher and SchliU) 
Filter-paper 602 ( „ ,, ) 

Chamberland filter 
Reichel filter .... 


Diameter of Pores. 


8-8 /X 

1-7 /X 

0*89 to 1-5 /X 
0-28 to 0-41 fi 
0-16 to 0*175 fi 


A colloid particle thus will readily pass through these. 

4. Visibility.—The particles of disperse phase in a sol cannot be 
seen individually even with the aid of a powerful microscope. A gold 
sol, for example, ajjpears to be perfectly clear, just like a dilute solution 
of gold chloride, in which the disperse jihase is of molecular dimensions. 
The reason for this is not far to seek. It is impossible actually to 
“ see ” a particle whose diameter is less than half the w^avelcngth, A, 
of the light used. The wavelength of the extreme visible violet end 
of the spectrum is not less than 3000 A, that is 8600 x 10'® cm. or 860 /tx/x. 
Whence 

A/2 =180 /x/x 


which is roughly dou])lc the diameter of the largest particles in a true 
colloid system. Such particles, therefore, are invisible. 

5. The Tyndall Effect (1869).—When a beam of light is passed 
into a perfectly pure, optically void litjuid, it apparently disappears. 
If passed into a sol, such as, for example, a gold sol, contained in a 
rectangular glass vessel, its path is indicated by turbidity, the appear¬ 
ance resembling fluorescence. This effect was noted by Faraday in 
1857, but is usually named after Tyndall, who first applied it to the 
study of dust and mist in the air. By cxamiiiing the beam with a 
Nieol prism it is found to be polarised, and although comj^lete extinction 
may not occur, the variation in intensity of the illumination as the 
Nicol is rotated is very evident. Fluores(*ent solutions such as those 
of eosin or fluorescein do not show^ polarisation. The two {>hcnomena, 
therefore, arc quite distinct. 

Instead of passing a parallel beam of light, a conical beam may be 
projected into the liquid, the apex of the cone lying within the liquid. 
This is frequently called the Tyndall Cone. Some sols do not show 
the Tyndall effect at all well ; such, for example, are freshly prepared 
silicic acid, blood serum and alkali albuminates. They are “ emulsoids ” 
(see p. 447) and as such the disperse phase contains considerable 
quantities of the continuous phase and the difference between the 
refractive indices of the two phases is small. Similarly, coarsely 
powdered glass suspended in immersion oil, which has the same refrac¬ 
tive index, does not exhibit turbidity in the Tyndall beam. With 
ordinary light the Tyndall effect ceases when the diameter of the 
particles falls to about 6 /x/x p in other words, rnolecuiar dispersoids 
ordinarily are optically void when pure. By the use of X-rays, however, 
the effect can be carried even into molecular regions, since the wave¬ 
length of the X-rays is very inueh smaller than the shortest visible 
rays. 

6. Chemical Composition.— -As a general nde complexity of 
chemical constitution favours formation of the colloid state, but there 
is no definite connection between the two. Glue, starch, albumin and 
gelatin are typical colloidal substances, and their constitutions are 
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exceedingly complex. On the other hand, many substances which, in 
true solution, are regarded as simple, can readily be obtained in the 
colloid state. Thus colloidal forms of platinum, silver and gold have 
been known for many years. Even such a typical crystalloid as 
sodium chloride has been obtained in the colloid state. Undoubtedly 
under these conditions the substances are highly associated or 
polymerised. 

7. The Colloid State a Universally Possible State of Matter. 

—From what has been said in the foregoing it is evident that the 
essential properties of colloidal substances are bound up with the size 
of the disperse particles, rather than with their (‘hcmical conij)osition. 
There appears to be no reason, therefore, why all substances should 
not be capable of assuming the colloidal state, presuming a suitable 
continuous phase can be found for them. This was tirst emphasised 
by von Weimarn. It is just possible that the converse of this may be 
true also, namely, that all substances in colloid state may be capable 
of assuming the crystalline form given the right conditions. Thus, by 



Suspensions | 

WOppL 



The Colloid Range 


Pig. 182 . 


I Molecular 
D/sperso/ds 

i(j.^ 


very slow evaporation it has been fouiul possible to prepare crystals of 
such typically colloidal substances as gelatin, agar, and even albumen. 

It is clear that we cannot speak of colloids in the same way, for 
example, as wc speak of the inert gases or the rare-earth metals. It is 
better to speak of the colloid state, just as wc refer to the solid, liquid 
or gaseous state. 

The Colloid Range.—From what has been said it will be clear 
that the disperse particles of a sol arc intermediate in size between 
coarse, optically visible particles, that is, mechanical susjjensions, and 
particles of molecular dimensions. There is no sharp line of demarca¬ 
tion between mechanical suspensions and colloids, on the one hand, 
or between colloids and mole(»ular dispersoids, on the other. Any 
dividing lines must of necessity be arbitrary. Where shall we draw 
them ? Fig. 182 shows diagrammatically the passage from suspensions 
to solutions. For several reasons it is usual to regard particles of 
diameter ranging from 1 /x/x to 100 /xp as of colloid dimensions ; these 
reasons may be summarised briefly as follows : Firstly, as regards the 
upper limit, we have already seen that the limits of filtrability and 
of visibility under ordinary conditions lie with particles of diameter 
in the neighbourhood of 160 to 180/x/x. These numbers are merely 
approximations and reprt^sent an extreme u])per limit to the size of 
colloid particles. An early suggestion was that the upper limit should 
be taken as 140 ^/x, but there is no valid reason for choosing such a 
number in preference to the round figure of 100 /x/x. So this latter 
figure is usually accepted by colloid chemists as the arbitrary upper 
limit. Secondly, as regards the lower limit, molecular diameters 
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ordinarily range from about 0-1 /x/x to somewhat more than 1/x/x. 
Some substances like starch, whi(»h have molecular diameters of the 
order of 5/>t/x when dissolved in water, show well-defined colloid 
properties. It is convenient, therefore, to choose 1 /x/x as our arbitrary 
lower limit for the diameters of colloid particles. The following 
molecular diameters calculated on the basis of the kinetic theory 
furnish an interesting comparison : 


C'hloroform . . , . 0*8 /x,/x 

Ethyl alcohol . . . . 0* t /x/x 

Carlx)n dioxide . . . 0*29 /x/x 

Hydrogen .... 0*22 /x/x 


These observations may be tabulated as follows : 


Dispersed Systems. 


Heterogeneous, 

Homogeneous, 

Macroheterogeneous. 
Mechanical Suspensions. 

Microheterogencous. 
Colloidal Solutions. 

Sols. 

Molecular Dispersoids. 
True Solutions. 

Diameter of particles 
> 100 /x/x. 

Particles cm\ be ex¬ 
amined mierosco]>i- 
cally ; do not pass 
through lilter-paper. 

i 

Diameter of particles 
100 fJLfJi to 1 JXfl, 
Particles cannot he 
seen. They scatter 
but do not rellect 
light. They pass 
through filter-})aper 
but do not diffuse 
or dialyse readily. 

Diameter of particles 
< 1 flfJL, 

Particles cannot be 
seen. 'They do not 
yield a Tyndall 
effect. They pass 
through filter-paper 
and both diffuse and 
dialyse. 


Si:SPKNSOII)S ANT) EmI LSOIDS. 

Two exceedingly important colloid systems are those known as 
suspensoids and emulsoids respectively. Reference to the table on 
p. 444 shows that wdiilst suspensoids arc LIQUID-SOLID systems, 
emulsoids are LIQUID-LIQUID systems. These correspond in micro- 
heterogeneous systems to suspensions and emulsions in macro- 
heterogeneous systems. Let us compare and contrast these two 
systems. 

1. Chemical Composition.—Generally speaking the suspensoids 
contain an inorganic disperse phase, typical examples being platinum, 
silver and gold hydrosols. The emulsoids usually contain an organic 
(disperse phase, well-known examples being starch, glue and gum 
arable hydrosols. But this distinction is not complete. Silicic and 
titanic acids are typical inorganic substances, but their hydrosols 
behave in many ways like emulsoids. 

2. Composition of the Phases.—In general the disperse phase 
of a suspensoid does not combine with or dissolve to any appreciable 
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extent in the continuous phase. We do not, for example, regard either 
gold or platinum as in any way hydrated in their hydrosols, nor do we 
suppose that the continuous phase (water) contains appreciable quan¬ 
tities of dissolved metal. But the disperse phase of an emulsoid 
usually combines with or dissolves some of the continuous phase, and 
it usually also dissolves to some extent in the continuous phase. 
Metallic hydroxide hydrosols lie intermediately between the two. 
The disperse phase contains chemically combined water and a good 
deal of more loosely attached water as well; but the continuous phase 
may contain only inappreciable amounts of dissolved hydroxide, 

3. Physical Condition of the Phases.—As already mentioned, 
the disperse phase of a suspensoid is regarded as solid, that of an 
emulsoid as liquid. Ferric hydroxide is probably lupiid. 

4, Density.—The density of suspensoids can be calculated from 
the law of mixtures. Thus, with the hydrosol of arsenious sulphide 
the following results were obtained b)^ Linder and Picton (1895) : 


Per cent. 
Arsenious 
Sulphide. 

Observed 

Density. 

Calculated 

Density, 

4'4 

1 033810 

1 033810 

2 2 

1 016880 

1 016905 

11 

1 008435 

1 008440 


In the case of eniulsoids one cannot calculate the density from the law 
of mixtures, for there is usually an alteration in volume when the sol 
is produced. Thus, for example, a sample of dry casein had a density 
of 1*318. On conversion into a hydrosol its density, as calculated by 
the method of mixtures, was 1*39, There had thus been appreciable 
contraction on preparing the sol. Similarly a contraction occurs when 
gelatin, starch and albumin take up water. Ferric hydroxide hydrosol 
shows emulsoid character in that a slight dilatation occurs when it is 
precipitated out. 

5. Viscosity. —In general the viscosity of'an emulsoid is greater 
than that of a suspensoid of equivalent concentration. The viscosity 
of dilute suspensoids is practically identical with that of the pure con¬ 
tinuous phase, and is unaffected by passage through capillary tubes. 
As we shall see later, passage of an emulsoid through a capillary tube 
tends to break down its structure, so that “ repeat ” results cannot be 
obtained in this way. Special methods must therefore be adopted in 
determining the viscosities of eniulsoids. 

6. Surface Tension. —Suspensoids have usually the same surface 
tension as their pure continuous phase. The surface tension of emul- 
soids is usually less. 

7. Precipitation. —In general the disperse phases of suspensoids 
are readily precipitated on addition of soluble salts. This is easily 
shown by adding a few crystals of sodium sulphate to ferric hydroxide 
sol. After a few minutes in the cold, or almost immediately upon 
warming, the sol becomes turbid, and ferric hydroxide separates out 
as a flocculent precipitate. If this precipitate is removed and shaken 
up with pure water it does not pass back into sol form* The hydroxide 
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has been irreversibly precipitated. The precipitate is termed a gel* 
and the process of precipitation gelation. Emulsoids, on the other 
hand, usually require a high concentration of salt to effect their pre¬ 
cipitation, and if the salt solution is replaced by ])iire water, in the case 
of hydrosols, the gel passes back into sol form. In other words, the 
gelation is reversible. For this reason suspensoids are sometimes 
termed hydrophobic or lyophohie, and emulsoids hydrophilic or lyo- 
philie. These terms are hardly to be encouraged. The reversible 
gelation of emulsoids is utilised in the manufacture of soap, brine being 
added to the liquor in the tanks, whereby the soap is salted out. 

8. Concentration.—In general, the concentration of the disperse 
phase in a suspensoid is very small indeed. A (concentration of merely 
a few grammes of platinum per 1000 litres has frequently been used in 
research work. Increase in concentration tends to render the sol un¬ 
stable, ultimately causing irreversible gelation. With emulsoids, owing 
to their greater stability, the concentration is not so restricted. 

9. Metallic hydrosols frequently possess considerable catalytic 
activity. Thus platinum hydrosol stimulates the decomposition of 
hydrogen peroxide solution, a dilution of one gramme-atom of platinum 
in 70 million litres of water having a })ronounced accelerating effect 
(see V"ol. II). On the other hand, emulsoids tend to retard the catalytic 
activities of suspensoids and in general the velocities of such reactions, 
whether chemical or j)hysical, as involve a change of state. This is 
attributable to adsorption (p. 474). 


The llLTUAMrcHoscopE. 

Although we cannot actually see colloid particles, it is easily possible 
to obtain optical evidence of their existence. If a horizontal beam of 
light is passed into a small 
rectangular glass cell C (lig. 

183) containing an optically 
voicl liquid, the beam appar¬ 
ently will disappear in the 
cell and reappear at the 5 

opposite side. On viewing C 

the cell from above with a Fia. igs. 

microscope M the field will 
be dark save for slight illumination due to scattering, etc. from the 
sides of the cell. If, however, a sol, such as gold hydrosol, is intro¬ 
duced into C, the field becomes illuminated with myriads of bright 
points. Each point represents the position of a colloid particle which 
is scattering some of the incident light. On looking down the micro¬ 
scope we think we see the particles, but we do not really do so ; what 
we do see is the light scattered by the particles, and oiu* eye pictures 
its various sources as round or spherical. Direct measm*cment of the 
shape or size of the particles thus is still impossible. The size of the 
** image ” formed depends upon the intensity of the illumination and 
the qualities of the microscope, as well as upon the volume of the 
particle. 

Instruments based on the foregoing arrangement are known as 
itltrainicroscopes, the earliest being that of Zsigmondy. The instm- 
ments ate so named (Latin wftra, beyond; Greek mikros, little, skopein^ 
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to look at) because they enable us to discover the presence, and watch 
the movements of, particles smaller than those which the mieroseope 
can render visible. We have already seen that with the microscope 
the limit of visibility with ordinary light is of the order of 180 (xfi. By 
means of the ultramicroscope we can detec‘t tlu? presence of particles 
of diameter not less than 5 /r/u.. This is the lower limit of ultramicro- 
scopic range with visible light. Particles snialh^r than this arc some- 
times termed amicrons, those w'hose diameters lie between 5 fxjx and 
100 fjLfjL, submicrons, and those from 100 fifi to 10 /x, microns. 

A simple and very convenient form of ultramicros(‘ope, suitable for 
qualitative work, is made by fitting wdiat is known as a paraboloid 
condenser to an ordinary microscope. The condenser is made of a 

solid block of glass, paraboloid in 
shape but truncated so that its fo(‘US 
! lies just above the surface of the 

glass slide S (lig. 184), on wliich a 
drop of the sol to be cxamirK?d is 
gp V I - placed, covered with a protective 

f-—-JL .C_5 slip of glass, C. A ray of light AB 

V X entering the condenser is refle<*tcd 

\ to the focus, and, if it there meets 

\ a colloid particle, scattering takes 

/ \ place, and the scattered light enter- 

/ \ ing the microscope M reveals the 

I \ presence of the particle. A central 

I I disc DE eo\ ers the bottom of the 

.^ condeiiscr and prevents the entry of 

k D E disturbing rays of light. Ow ing to 

T the difiiculty of measuring with 

accuracy the volume of the sol 
employed, the instrument cannot 
/f Pig. 184. conveniently be used for quantita¬ 

tive work. 

The intensity, /, of the light scattered by colloidal particles « 

y. 2 - 2 

where V is the volume of the particle, and also qc ~ -1 w^here 7)a 

J 

and rje are the refractive indices of the disperse and continuous })hases 
respectively. Whence 


I = constant x 


Uc^ 'J 


* ( 1 ) 


It is evident that, no matter how intense the illumination may be, the 
colloid particles may escape detection if rja is not appreciably different 
from 7]c9 as the intensity of the scattered light may be too feeble. 
Emulsoids that do not show the Tyndall effect can hardly be expected 
to show" well under the ultramicroscope. 

The Brownian Movement. —Whilst examining under a micro- 
seope some pollen grains of clarkia pulchella suspended in water, Brown 
(1827) observed that the grains were continually moving. Curious to 
know if this was evidence of life, Brown next tested spores of mosses 
and equisetum a century old. Then he tried finely divided resins, 
glass, sulphur^ etc, and observed that this motion was common to all; 
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it was not confined to living matter. In recognition of Brown’s dis¬ 
covery the movement is known as the “ Brownian Movement.” 

When Zsigmondy had arranged his ultraniieroscopc he noticed that 
the colloid particles were moving very rapidly, so rapidly indeed that 
he did i\ot at llrst connect the phenomenon with the Brownian move¬ 
ment. The movement is persistent and irregular, as is well seen by 
photographing on to a cinematograph film ; it is indejxaidcnt of such 
conditions as vibration and convection currents, and appears to depend 
mainly U|)on the size of the particles, the temperature and the viscosity 
of the continuous phase, and upon illumination. 

The exjdanation offered by Wiener (1863) and others lies in the 
suggestion that the motion is due to molecular mov^cments in the 
continuous phase, the molcx'ulcs of which bombard the relatively large 
colloid j)articles ; it is the recoils of these from the irregular bombard- 
mcjit that one ol>scrvc\s in the ultramicTOscope. 


3 RT 


The energy of a molecule at is given by ~ or 0-55 x erg 

“2 A 


at (\ This means that when a nmlecule is stopped at 0 ^^ C. sufficient 
enfM'gy is liberated to raise a drop of water, of diameter /x, to a height 
of nearly fx. We can I’eadily understand, therefore, that the colloid 
particle subjected to a series of such bombardments will show con¬ 
tinuous and erratic movement. ^ 


When viewed under the ultramieroseopc the particles are seen to 
possess two tyj)es of motion, namely, translatory and oscillatory. By 
the amplitude, is meant the distance between the extreme and 
mean positions of the particle. The oscillation ])eriod, 0, is the time 
required by tin* jjarticlc to travel from one extreme position to the 
other and back again, that is, the time to complete one oscillation. 
If u is the velocity, 


The smaller the particle the greater the velocity will be, other things 
being ecpial. Thus Exner (1900), working with gamboge hydrosol, 
observed the following connection between the diameters of the particles 
and the velocities : 


Diameter, ft. . . 0*4 0*9 1*3 3 4 

Velocity, /x per second . 3*8 3-3 2-7 Barely None 

perceptible 


Usually the Brownian movement ceases with particles of diameter 
about 5 /X, 

The viscosity of the continuous phase is a most important factor. 
If the viscosity is very high, as, for example, with glass, no movement 
of the particles can be detected. Working with a series of platinum 
hydrosols and organosols, Svedberg (1906) showed that, for several 
liquid media, Ar) is constant, 77 being the viscosity of the continuous 
phase and A the amplitude of the particles of platinum approximately 
50 /x/x in diameter. This is known as Svedberg’s Law. The method 
of ex{>eriment (‘onsisted in allowing the sol to flow at a known slow 
velocity through the observation cell, the amplitude being noted with 
the aid of a micrometer eyepiece. 
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Rise of temperature accelerates the Brownian movement, and it 
also decreases the viscosity of the continuous phase. We can, however, 
distinguish between the two effects. According to Seddig (1008) 

.( 8 ) 

V 

where T is the absolute temperature. Combining this with Svedberg’s 
equation 

7 /= constant .... (4) 

we have 

A^KT .(5) 

that is, the amplitude of movement of the colloid particles is directly 

proportional to the absolute temperature when the viscosity is constant. 

The Size of the Disperse Particles. 

As we do not actually see the colloid particles under the ultra¬ 
microscope, for reasons that have already been given, we cannot 
observe directly either their size or their shape. There are, neverthe¬ 
less, several methods by which the approximate sizes of colloid particles 
may be determined, and sotne of these we will proceed to consider. 

1. Ultrafiltration.—Bechhold (1907) constructed a series of filters 
of different degrees of elficiency and measured the sizes of the pores 
they contained. The filters were made by soaking hard filter-papers 
either in a solution of collodion of known concentration in acetic acid, 
afterwards washing with water, which dissolved out the acetic acid and 
left a mass of nitrocellulose in the paper, or in gelatfn (of various con¬ 
centrations), which was subsequently hardened and rendered insoluble 
by soaking in cold formaldehyde for several days. Such filter-papers 
possessed pores of diameter varying between 9.30 and 21 xl0“^ mm., 
and by their use Bechhold was able to classify various colloids ac¬ 
cording to the sizes of their particles. Tlie average sizes of the holes 
in the filter-papers were determined pneumatically by measuring the 
pressures required to force air through them under water. The size 
of the pores was easily varied by altering the concentration of the 
solutions. 

As the foregoing filter-papers are not suitable either for high tem¬ 
peratures or for acetone sols, Manning (1926) prepared nickel mem¬ 
branes with pores ranging from 50 to 800 /x/a by electro-deposition of 
nickel on a fine metal gauze of 200 mesh, the gauze merely serving as 
a support for the dejxisited nickel. 

A convenient form of filter is shown diagrammatically in fig, 185. 
The filter F is supported on the gauze G held between washers WW 
round the circumference, and clamped between two flanged tubes bolted 
together with screws SS. Filtration can then proceed under such 
pressure as is desired. 

The minimum size of the particles held back by such filters is 
probably, though not of necessity, about the same as the diameter of 
the filter pores. In the case of emulsoids filtered under pressure, one 
might imagine, for example, that a large spherical particle might be 
squeezed through a relatively small hole in consequence of deformation. 
That, however, is hardly likely to occur to any appreciable extent, for 
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as the diameter of the partieles falls to colloid dimensions the effect of 
surface tension increases enormously and fifreat ])ressurcs are r(*quired 
to deform the dr(>})S s(‘nsibly. Thus, for examjjle, whilst a small drop 
of oil may fall through a tube half its own diameter by its own weight, 
a similar dro]) ()'2/x in diameter would require a ])ressure of 41 atmo- 


For drops of 


st)hcres to force it through a tube 0*1 /x in diameter, 
colloid dimensions much greater 
pressures still would be required. 

Hy finding which, of a series 
of filler-papers, will just permit 
the particles of a sol to pass into 
the filtrate, the diameter of the 
colloid particles, presumed 
spheri(‘al (s ('0 p. 4-56), can be as¬ 
certained. In general the results 
agr<‘e satisfactorily with those ob¬ 
tained by other methods. 

2. By the Ultramicroscope. 

— The sol Is first analysed ehemi- 
eally and found to contain, say, 
m grammes of disperse phase in 
unit volume. The number of 
partieles, in unit volume is now' 
estimated by eounting those ob- 
s<'rvable under an ultramieroseopc in an aliquot portion of the solution. 
If d is the density, the average volume, c, of each particle is given by 



Fio. 185.—Filt<*r for IJltrafiltration. 


in 


(6) 


This, of course, assumes that the density of the eom]>aet substance is 
the same as that of th(‘ highly dispersed body, and probably in the ease 
of suspensoids this is almost perfectly true. Assuming tlie partieles to 
be spherical and of radius r, 


whence _____ 

r ^ i/Zmj^TTnd .... (7) 

An example studied by Burton (1906) will make this clear. A 
portion of a silver hydrosol containing 6*8 mgrms. silver per 100 e.c. 
was diluted one hundred times. Of this solution 0*01 e.c. was examined 
in an instrument working on the same principle as the ultramicroseope, 
and the number of partieles counted, this number being 300. Assuming 
the partieles to be spherical and the density of silver to be 10*5, the 
average radius of the particles was found to be 1*7 x 10"® cm. 

3. From the Rate of Sedimentation.—In 1850 Stokes calculated 
that a particle, assumed to be spherical, moving through a medium of 
viscosity at a velocity w, encounters resistance, Ry the magnitude of 
which is given by the expression 

B » GTrrrju 

where r is the radius of the particle. 
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If the particle falls under the influence of gra\’ity it will ultimately 
assume a steady rate of fall, when the followiiij; condition must be 
satisfic<l : 

;\77r»g(rfa - (/, ) = R 

= iiTrrrjU 

wliere dd and r/c are the densities of the particle (or dis]>erse phase) 
and of tlic inediiiin (or eontinuoiis phase). Whence 


n 


2 

9 



zA: 

V 


(«) 


This is a very important equation. 

It will be observed then, when the velocity of the particle 

is nil, and the }:)article remains stationary in th(‘ (‘ontiniious phase. 
If dd < do the particle has a negative velocity ; that is, it rises. 

Let us now consid<‘r a particle of gold of radius 10 /i/z or 10*-® cm. 
and with the aid of equation (8) let us calculate its rate of sedimen¬ 
tation in water. Assuming its density is 19 and the viscosity of water 
at 20® C. is 0-01, we have 




,, 981 ( 19 - 1 ) , 

12 X-cm./sec. 


= 8*9 xlO ’ eni. per sec. 
= 0*014 mm. per hour 
= 10 mm. per month. 


In a similar manner the following rates of sedimentation have been 
calculated : 


Diameter of Gold j 
Particle. 


Rate of Sedimentation. 


2x5/^ 

2 X/Lt 

2x10 jjLfi 
2 X flfJL 
2 X 0*5 />t/x 


8500 mm. ))er hour. 
140 

0014 „ . „ - 


1*2 mm. per year. 
80 mm. ])er century. 


The rate of sedimentation of emulsoids will be appreciably slower 
than the foregoing for particles of similar size, since the density of the 
disperse phase is less widely different from that of the continuous phase. 
If the density of an emulsoid particle is 1*6, {da - do) is only 0*6, and 
a particle of diameter 1 /x/x will fall only 1 mm. in a century under the 
influence of gravity. 

Although Stokes’ Law yields fairly satisfactory results for particles 
near and above the upper colloid limit, its application to smaller 
particles is attended by considerable discrepancy. The reason is not 
far to seek. In the foregoing calculations we have assumed that the 
particle falls freely through the liquid without carrying any of the 
continuous phase with it. Such is not actually the case, however, for 
each colloid particle has a layer of adsorbed continuous phase all round 
it. Assuming this adsorbed layer to be of the order of one molecule 
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thick, say 8 /x/x, the working radius of the particle is not r but (r +S)/l 6^. 
If r is 10 jw,, the error involved is small, but if r is only 10 fifx the effect 
may be appreciable. 

4. From the Brownian Movement,—One very important conse¬ 
quence of the Brownian movement is that an cquilil^rium distribution 
of the colloid ])artieles is ultimately reached. The smaller the particles, 
the more rapid their movement and the less the time required to reach 
ecpjilibrium distribution. The true velocity of a colloid particle canfiot 
be measured ; the apj:)arent rate varies enormously both in direction 
and magnitude, and the path followed is extremely complex—as, 
indeed, we might ex})cct, seeing that the movement is a collision effect. 
At the suggestion of Einstein and Smoluchowski, each tackling the 
problem separately, it is now usual to choose, as a measure of colloid 
movement, the length of the straight line joining the initial and final 
positions of the given ])article in a fixed time. This line is the displace¬ 
ment of the })articlc. By using an ultramicroscope the horizontal 
displacement of a particle can readily be determined. 

On the assumlotion that the Brownian movement is mathematically 
irregular in all directions at right angles to the vertical, Einstein has 
sliown that a sol diffuses like a true solution, so that the coefficient 
of diffusion, 1), is given by the expression 


where I is the displacement in time 6, The movement is not perfectly 
irregular in a vertical direction, owing to the pull of gravity on the 
particles. 

Einstein has further shown that 



1 

67rr/r 


( 10 ) 


where R is the gas constant, T the absolute tomporaturc and N is 
Avogadro’s Number. Combining these two equations, we have 


RT e 

N ' SnrjP 


( 11 ) 


which gives us a method of calculating r. 

The smaller the radius the more accurate the observatirm, since I 
is greater. Even then, however, the method does not admit of a high 
order of accuracy. At least fifty observations arc necessary, and as r 
varies inversely as P, it is evident that any error in I is seriously 
magnified. 

5, From the Rate of Diffusion. —Sutherland (1905) modified 
equation (10) to 

.... ( 12 ) 

N GTTTjr 


where ^ is a constant, approximating to 0*815, and A is the mean free 
path of the molecules of the continuous phase. This equation applies 
to smaller particles than does equation (10). If the particles are large, 
A/f vanishes and the equation resolves itself into equation (10). This 
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method has been applied successfully to albumin sols, in which the 
particles were found to have radii ranging from 1-46 to 2*9 

6. From the Equilibrium Distribution. It is a matter of 
common knowledge that as we ascend vertically from sea level the 
density of the air becomes gradually less, the concentration of air 
molecules falling off in geometrical progression. Perrin has shown 
that the vertical equilibrium distribution of colloid partklcs in a 
j I hydrosol down to a depth of about 0*1 mm. 

j j /f/ is identical with that of a gas of similar 

concentration. Perrin used sols of gamboge 
and mastic, the particles of which had been 
rendered uniform in size by centrifuging. 
A drop of the sol was placed in a hollow 
slide of depth 0*1 mm. and given a plane 
surface with a cover glass (fig. 180). The 
number of particles was counted at various 
depths in a restricted field with the aid of 
a microscope, M. The relation between the 
size and numbers of the particles at different levels is given by the 
equation (see \^oI. II) 

. . . (13) 

where and n represent the numbers of particles at levels 0 and h, 
and da and dc the densities of the disperse and continuous phases, the 
other letters having their usual significance. From equation (13) the 
value of r can readily be calculated. For very small particles a cor¬ 
rection for adsorbed continuous phase would appeal- to be necessary. 
Perrin worked with particles approximately 0-87/i in radius; the 
concordance of his results, and the good value obtained for Avogadro’s 
Number, namely, 6-82 x 10^®, by calculation from equation (18), indicate 
that in his experiments adsorption did not interfere seriously. As 
-.mentioned on p. 82 the value for Avogadro’s Number, according to 
the most accurate methods of measurement, is 6-064 x 10®*, 

7. From the Intensity of Scattered Light.—Rayleigh (1871) 
showed that the intensity of the light scattered by a suspension from 
a beam of known intensity, I, is given by the expression 

h=‘Anr*jX^ . . . (14) 

where /. is the inten.sity of the scattered light, A the wave-length, n the 
number of particles and A is a constant depending on 1 and on the re- 
fractive indices of both phases and the angle at which the beam is viewed. 
If we keep A and n constant, 

/goc r*. 

The intensity of the light is measured photographically. 

The Shape of the Disperse Particles. 

^ already explained (p. 449), we do not actually see the colloid 
paiticles under the ultramicroscope. We are compelled, therefore, to 
arnve at their shape indirectly. 

Emolsoids. Owing to mutual combination or solution of the 
disperse and eontiauow phases, the ihterfacial surface tension may be 



Fig. 186 . 
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small. Probably, however, in the majority of cases it will be ample 
to cause the disperse parti(‘les to assume a spherical shape. 

Suspensoids. —A considerable amount of evidence has been 
obtained in favour of the view that suspensoid particles, particularly 
those of metallic sols, may possibly possess a certain amount of crystal¬ 
line structure. Thus, for example, suspensoids may initiate crystal¬ 
lisation in supersaturated solutions. In general, only crystalline 
substances can do this, although exceptions arc not unknown. Very 
highly dispersed sols lose this power. Again, experiment shows that 
sol particles may coalesce and, after long standing, yield definite 
crystals. It is possible, therefore, that in certain cases large colloid 
particles do possess a certain amount of structure or crystallinity. 
But as the particles decrease in size the forces of surface tension may 
become so great as to overcome the forces of crystal orientation and the 
tendency w^ill be for the particles to become spherical. It has long 
been known, from the microst'opic examination of crystals, that 
globulites first form, which, after attaining a definite size, begin to 
assume a true crystalline form, crystals with rounded edges first 
ap}>earing, and finally more perfect crystals. This is a strong argument 
in favour of the view that small suspensoid particles probably are 
spherical. 

The Dtstuibittion of Colloid Pakticles. 

The cpiestion now arises as to how' the colloid particles arc distri¬ 
buted when in equilibrium in a vertical column of the sol measuring 



Pia. 187.—Curve showing Distribution of Colloid Particles. 


downwards from the surface. As we have already seen, Perrin found 
that down to depths of 0-1 mm. the particles arrange themselves just 
as gas molecules do, their concentration increasing in geometrical 
progression. But it is obvious that this increase in concentration 
cannot go on indefinitely, for even at a depth of 3 cin. the concentra¬ 
tion would be 2^®^ times the initial concentration—^an impossible figure 
(Burton, 1922). Experiment shows that below a depth of about 2 mm. 
the concentration of a sol remains fairly constant. The curve con¬ 
necting the number of particles with the depth is shown in fig. 187. 
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It may be divided into four regions, namely, 

1. The Gibbs-Thoinson surface layer. 

2. The Perrin layer. 

3. The Porter-Hedges layer. 

4. The region of constant concentration. 


The Gibbs-Thomson Surface Layer refers to depths of the order 
of one molecule thick. In the <^ase of suspensoids there is no appreciable 
effect, as the presence of the suspensoid particles has little or no in¬ 
fluence on the surface tension of the pure continuous phase. On the 
other liand some enmlsoids, such as the hydrosols of gum acacia and 
starch, have a higher surface tension than water, whilst others, notably 
gelatin, egg albumen, glue and dextrin, have a lower surface tension, 
in accordance, therefore, with the general rule that the surface tension 
of a system will tend towards a minimum value (p. 255), there will be 
a greater concentration of the emulsoid particles of the latter group in 
the suiTace layers than in the bulk of the liquid. Sols of gum acacia 
and starch, on the other hand, will in accordance with the same rule h«avc 
a diminished concentration in their surface layers. 

These differences in concentration are given by the Gibbs-Thomson 
formula (p. 435); 


C da 

M= - 


(15) 


u being negati\'e when the surface tension rises with the concentration 
of the sol. 

The Perrin Layer has already been referred to. In the figure it 
is represented by AB, and if Perrin’s equation (No. 13, p. 450) were 
obeyed to greater depths than about 0*1 mm. the concentration would 
be represented by the broken line BC. 

In the Porter-Hedges Layer (1922) the concentration of the 
particles steadily increases to a maximum,at a depth of from 1 to 2 mm. 
and then remains constant. This is shownri in the figure by the curve 
BD, which follows the mathematical expression 

log. rA-+T-V-=^*+^ . . . (16) 

where n is the number of })arti(*lcs in unit volume, h is Avogadro’s 
constant, h the height (or depth) in cm., K a constant and A the 
integration constant. 


The Precipitation of Suspensoids. 

We have already learned (p. 448) that one of the main differences 
between suspensoids and emulsoids lies in the irreversible precipitability 
or coagulation of suspensoids on addition of soluble salts, whereas such 
gelation as emulsoids undergo with such treatment is generally 
reversible. 

If we add a small quantity of sodium chloride to ferric hydroxide 
sol, the sol may remain apparently quite clear, though its particles 
may not now be able to pass through a porous plate. Addition of 
further quantities of sodium chloride will cause opalescence, turbidity 



459 


THE COLLOID STATE. 

and ultimately precipitation of ferric hydroxide gel. Addition of the 
salt has gradually caused the masses of the colloid particles to increase, 
until the system has bcf‘ome a mechanical suspension. Precipitation 
in this manner is a gradual process and can be followed under the 
microscope, the Brownian movement slowing up and ultimatelv 
ceasing. 

The ex]>lanation is to be found in the fact that the sol particles are 
ele(*trically c‘hargcd ; the ions of the dissolved salt tend to neutralise 
these charges and thus to effect preci])italion. Ferric hydroxide sol, 
as usually prepared, is electropositive, and its precipitation is effected 
mainly by the negative ion of the dissolved salt. This is evident from 
the following data (Hardy, 1900), which represent the smallest quanti¬ 
ties of a few electrolytes recpiircd to ])recipitate the sol under certain 
standard conditions : 



('oneejilrat-inii. 


Concentration, 

Klo(*tr<.>lyte. 

ji; ra in ni e - ni oltxulcs 
jM*r litre. 

EUjc truly to. 

gram m e -moletni les 
per litre. 

XaCI 

0 00025 

K,S 04 . 

0 ()0()20 


000004. 

Mfi:S 04 . 

000022 

KKO, . 

0 0 no 

, 0 0140 

K,('ro ()7 . 

0 00019 


Doubling the valency of the positive ion has no appreciable effect, but 
doubling the valency of the negative ion has reduced the necessary 
salt concentration to approximately one-fiftieth. 

In the following table, prepared by Freundlich (1903), the minimum 
coneentrations of various salt solutions required to produce complete 
coagulation of arsenious sulphide after two hours are recorded, the 
coneentrations being expressed in gramme-molecules per litre of 
solution, except for HgSO^ and 0 ^ 2 ( 804 ) 3 : 


Electrolyte. 

Concentration. 

Electrolyte. 

Concentration. 

Lit'l 

()0<S15 

CaCl, 

0000905 

XaCd 

00712 

Ca(NO,), . 

0 00095 

KC'l 

00601 

liaCU 

000()96 

ilvoSO, . 

00015 

ZnCU 

000096 

NirV'i . 

00501 

AK’i; . 

000013 

irci 

0 0429 

AiCNOa)., . 

000014 


()-0420 

it 

1 0-00013 

M«C1, . 

00010 

Th(N()3)4 . 

j 0-00013 


These figures clearly prove what Schulze (1882) had previously found, 
that the precipitating effect on a negatively charged colloid is dependent 
on and increases with the valency of the positive ion; also, that the 
precipitating agents which yield the greatest concentrations of ions at 
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a given dilution are most effective, so that the mineral acids have a 
much greater precipitating power than the organic atnds. In analytical 
chemistry the formation of colloidal solutions of arsenious and antimony 
sulphides is prevented by passing hydrogen sulphide into solutions 
acidified with hydrochloric acid. 

It is because of the foregoing effect that if Indian ink is diluted 
with ordinary tap water, the particles are precipitated and the ink 
becomes useless. 

Since a salt, upon dissolution, yields both positive and negative 
ions, it is clear that its final effect upon a sol must be the algebraic sum 
of its cationic and anionic effects, for the cation will tend to stabilise 
a positive sol and an anion a ncgati\’e sol. 

Sols of opposite electrical charge tend to precipitate each other for 
very obvious reasons. Sols of the same kind of charge do not precipi¬ 
tate one another, indeed, the mixed sol acquires the stability of the 
more stable component (Henri, 1904). 

Ultraviolet light may effect the precipitation of negative sols. 
Thus the catalytic activity of platinum hydrosol towards the decom¬ 
position of hydrogen peroxide solutioii is steadily reduced by exposure 
to the richly actinic light from a mercury vapour lamp. 

Gold Numbers.—If sodium chloride is added in increasing amount 
to a red gold hydrosol, the colour gradually changes to blue and violet, 
and ultimately the gold is irreversibly precipitated as a gel. The 
colour change, like the precipitation itself, is caused by a gradual 
increase in the size of the colloid particles. Emulsoids tend to protect 
the gold sol from change of colour and precipitation in this manner, 
and are therefore frequently termed protective colloids. It is an 
adsorption effect, and emulsoids can be classified roughly according to 
their protective powers (Zsigmondy, 1901). By the gold number of 
an emulsoid is understood the number of milligrams of emulsoid which 
just prevent turbidity o?* colour change to violet of 10 c.c, of red gold 
hydrosol on addition of 1 c.c, of 10 per cent, sodium chloride solution. 
The gold sol should contain from 0-0058 to 0-0058 per cent, of gold. 
A high gold number obviously indicates that the protective effect of 
the emulsoid is but feeble. 

Zsigmondy classed the emulsoids as follows : 


(i) Most Active 

(ii) Medium Activity 

(iii) Weak 

(iv) Inactive . 


Gelatin, glue, casein, isinglass. 

Gum acacia (gum arabic), albumen, 
gum tragacanth. 

Dextrin, potato starch. 

Water glass, silicic acid. 


Electrical Properties. 

The fact that colloid particles carry definite electrical charges has 
already been elicited from the study of their precipitation or coagulation. 
The existence of these charges is demonstrated readily by suspending 
strips of filter-paj>er in gas jars containing a few cubic centimetres of 
hydrosols of various kinds (fig. 188). It will be observed that some of 
the sols rise up the paper through capillary attraction, whilst in other 
cases the colloid particles are precipitated on to the immersed portions of 
the filter-papei«. Filter-paper in contact with water is electronegatiYe^ 
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and therefore has no effect on sols the particles of 
which are negatively charged. But positively charged 
particles lowse their charge in contact with the filter- 
paper and are precipitated thereon, although the 
continuous phase passes up as usual. It is thus 
possible to separate positively charged particles from 
their dispersion medium. This is the basis of what 
is termed capillary analysis, which is used in con¬ 
nection with mixed dyes. A positive dye is pre¬ 
cipitated on the paper, whilst a negative one is free 
to diffuse or spread out over the paper. The fol¬ 
lowing table gives the electrical characters of a few 
typical hydrosols : 

Electropositive. Electronegative. 

Metallic hydroxides. Metallic sulphides. 

Some metals, e.g, bismuth, lead, Prussian blue. 

iron (possibly hydroxides). Many metals, e»g, silver, gold, 

Methyl violet. platinum. 

Methylene blue. Silicic acid, stannic acid. 

Mastic, gamboge, eosin. 

The polarity depends not only on the disperse phase, but also on the 
dispersion medium. Thus, the metallic hydroxides are charged posi¬ 
tively when in water, but negatively in turpentine. 

Cause of Electric Charge.—The electrical properties of sols 
appear to be due to the presence of adsorbed ions. It is frequently 
possible to prepare suspensoids containing either 
charge at will. Thus, on adding potassium iodide 
solution to excess of dilute silver nitrate solution a 
[)Ositively charged silver iodide sol is obtained. If, 
on the other hand, the silver nitrate is added to an 
excess of dilute potassium iodide solution the resulting 
sol is negative (Lottermoser). Again, by the addition 
of aluminium sulphate solution, a negatively charged 
hydrosol, such as that of gold, may be neutralised 
or even charged positively. 

As tisually prepared, ferric hydroxide sol is posi¬ 
tive. It can, however, be prepared with a negative 
charge by adding slowly a dilute solution of ferric 
chloride to an excess of dilute caustic soda, the 
mixture being shaken continuously. 

Cataphoresis (Greek kata, away; phew, I bear) 
is the term used to indicate the migration of sols in 
an electric field. It was first observed by Linder and 
Picton (1892) in connection with arseiiious sulphide 
hydrosol which, being negative, migrated to the anode, 
and ih ferric hydroxide hydrosol, which migrated to 
the cathode. The phenomenon is now known to be of general occurrence. 

The velocity of migration may be determined macroscopicaily, 
microscopically and ultramicroscopically. A convenient macroscopic 
method consists in filling partially witli water a U-tube of the shape 
shown in flg; 189 and forcing a quantity of sol up through the tap so 
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that it rea(‘hes equal heights in the limbs. A voltage of GO to 200 volts 
is now applied by means of the platinum electrodes, E, which are 
surrounded by the water only. The movement of the sol is readily 
followed. The mierosc^opie method consists in measuring the rate at 
which the })artieles move across the field of tlie mieroseo])e. 

The velocity of migration, w, is given by the expression 



(17) 


where ^ is the potential difference between the sol particles and the 
continuous phase—the so-called “double layer” (see VoJ. II)—// the 
fall of potential between the electrodes expressecl as volts } 3 cr centi¬ 
metre, € the dielectric constant of the eontimious phase and t] the 
viscosity. The values obtained for a few sols are as follows : 


I'lydrosol or Ion. 

Nature of 
(-liarj'e. 

Diameter of 
Particles, 

fill. 

V'eloeity in 
cm./sec. per 

1 volt/cm. 

Arseiiious sulphide 

_ 

oi) 

22 X 10 

Gold .... 

- 

< 1(0 

K) 

Platinum .... 


< 100 

») 

Silver .... 

- 

< 100 


Ferric hydroxide 

H- 

< 100 

;j() „ 

Sodium ion 

+ 

.. 

45 „ 

Lithium ion 

■f 


35 „ 


It is interesting to note that the velocities of the colloid j)artieles are 
closely similar to those of the slow-moving, heavily hydrated ions of 
sodium and lithium. 

Emulsoid cataphoresis is usually slower than that of suspensoids, 
and shows interesting peculiarities. Thus, coagulated albumen does 
not migrate in neutral solution and is thus isoelectric with water ; in 
acid solutions it moves towards the cathode, but towards the anode 
in alkaline solutions. 

Electro-endosmosis. —This term is employed to indicate the 
movement of the continuous phase of a sol across a diaphragm under 
the influence of a current of electricity, the particles remaining 
stationary. It is thus the reverse of cataphoresis. The extent of the 
endosmosis may be measured either by determining the hydrostatic 
pressure, P, which may be obtained by allowing the liquid phase to 
accumulate to a head in tubes, of radius r, when 

.... ( 1 ,) 

Tjr* ' 

where E is the potential difference between the electrodes, so that 
E-Hly I being the distance between the electrodes. 

Keeping the pressure constant and noting the volume, F, of liquid 
that escapes: 
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V=r 


& 

iiTrrjl 


(19) 


whore q dotiotes the area or cross-section ol’ the* clia])hragrn or tube, 
namely if circular. 


MoLEOnnAU Weights” of Dispeusoids. 

Colloid particles are not, in general, merely simple molc<*ules ; they 
are ])hysical aggregations of molecules and have not, therefore, mole¬ 
cular weights in the ordinary sense of the term. We may, if mo like, 
regard them as associated molecules, but it is dillicult to determine 
their molecular weights by the usual methods, such as the depression 
of the freezing point and other methods outlined in Chapter XIX, as 
the effect is so small. However, an indication may now be given of 
the kind of result that has so far been obtained. 

Freezing Point Data.- These are somewhat uncertain ; the high 
molecular weight of the particles leads to very small depressions of the 
freezing point, so that not only is the ]>erccntage error of observation 
higl), but irregularities due to adsorbed ions or other im[)urities exert a 
dis])ro port innately large effect. At best, therefore, the results can be 
but mere ap})roxi mat ions. A few results arc given in the table below. 
Sabanejeff (1891) divides*colloids into two general grou[)s, wliich he terms 

{a) “ Higher ” or t^^pical colloids, of molecular weight more than 

aooo. 

(h) “ Lower ” colloids, of molecular w^eight less than 3000. 


Molecular Weights of Colloids. 


Hydrosol. 

Molecular Weight. 

Method. 

In vert in .... 

54,000 

Diffusion. 

Silicic a(;id 

> 49,000 

Freezing point. 

Emulsin .... 

46,000 

Diffusion. 

Starch .... 

25,000 

Freezijig point. 

Egg albumen 

17,000 

Diffusion. 


13,000 to 14,000 

Freezing point. 

Pepsin .... 

12,000 

Diffusion. 

Arsenious sulphide 

6,000 

>> 

Ferric hydroxide 

3,100 

Freezing poijit. 

(ium arabie 

2570 to 4110 

Osmosis. 

?» ... 

1600 to 2000 

Freezing point. 

Caramel .... 

1600 to 1750 


Tungstic acid 

1700 I 

Osmosis. 

Tannin .... 

1100 ! 

Freezing point. 

Tungstic acid 

... 1 

800 • 

1 

»> s» 


Osmotic Pressure Method* —This metliod is somewhat more 
sensitive than the freezing point method, since a doprcvssion of 0*001® C. 
corresponds to 9 mercury or 125 mm. water, and these are readily 
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measureable. The method should be good, for semi perm cable mem¬ 
branes arc less permeable by colloids than by ordinary solutes. The 
results, however, are variable. For gum arabic Pfeffer (1877) obtained 
values ranging from 2570 to 4110. 

Diffusion Method.—By the use of Einstein’s equation (No. 10, 
p, 455), namely, 



1 


we can calculate the molecular weight of a colloid particle, since 




assuming the particle to be spherical. 
Substitution gives 

dR^T^ 

1627rWVJ^3 


( 20 ) 


at constant temperature. 

For smaller masses use may be made of Thovert’s equation (1902), 
namely, 

M^kjD^ .( 21 ) 

If D is expressed for an area of 1 as em.^ per sec., k is 00 x 10"^®. 
For example, the coefficient of diffusion of arsenious sulphide sol was 
0-1 X10""®, whence the molecular weight was about 0000. 

Distribution under Gravity.—Perrin’s equation (No. 18, p. 456) 
may be wTitten 


for a hydrosol, in which dc is unity, and the colloid particles are assumed 
to be spherical. This enables us to calculate the mass 7ri of the particle, 
and dividing by the mass of the hydrogen atom we obtain the molecular 
weight with reference to hydrogen. This is found to give very high 

values. Thus, for gamboge a 
mass of *48 x 10~^® gramme was 
found by Perrin. Taking the 
mass of an atom of hydrogen 
as 1*64x10“*^ gramme, the 
“ molecular weight ” of the 
particle is 30 x 10®. 

Viscosity. 

As has already been men¬ 
tioned (p. 448), the viscosity of 
dilute suspensoids is practically 
identical with that of the con¬ 
tinuous phase. In general, the 
Fio. 190.—Rise of Vi&coftity with Conoeatration. viscosity of an emulsoid is ap¬ 
preciably greater. 

Capillary methods of determining the viscosity of an emulsoid are 
unsuitable ; passage through a capillary tube tends to break down tjh« 
emulsoid structure, so that satisfactory repeat results c^;wdt 



Concentration 
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obtained. Hatschek’s apparatus, described on p, 245, has proved very 
suitable. 

Goncentration. —The viscosity rises with the concentration, 
steadily with emulsoids, but only slowly at first with suspensoids, as 
shown in fig. 190. For ordinary soluble gelatin sol the following values 
have been obtained at 25*^ €. : 

Concentration of gelatin, per cent. 0*25 0*5 1*0 8*0 

rj . 1-10 1*22 1-75 2*96 

At high concentrations the viscosity of a suspensoid rises suddenly to 
a very high value. 

Age. —Viscosity varies with the age of the sol. In the case of 
suspensoids it falls with prolonged standing, in consequence of coagu¬ 
lation. With emulsoids the (‘haiige may be rapid. The following 
results were obtained with a 2 per cent, potato starch hydrosol (Stock, 
1917) ; 


Time. 


Frenh. 

After 

5 minutes. 

After 

40 minutes. 

r^(water = l) . 


100 7 

90-:} 

19 3 


More usually, however, the viscosity of emulsoids rises with the time. 

Temperature. —W’^ith rise of temperature the viscosity of a sol, 
as of the pure continuous phase, tends to fall. For suspensoids the 
viscosity is thermostable ; that is, it is a definite amount at a fixed 
temperature whether we approach that temperature from a higher or 
a lower one. In other words, the previous thermal history of the sol 
does not matter any more than for a pure li(j[uid or a molecular dis- 
porsoid. The viscosity of emulsoids falls rapidly with rising temperature. 
By prolonged heating it is possible to change a hydrosol of gelatin or 
glue to what is known as the j3-form (Traube, 1867), which will no 
longer set on cooling. 

Electrolytes.-— The addition of soluble electrolytes to suspensoid 
hydrosols reduces their viscosity in consequence of coagulation or 
precipitation. Emulsoids behave in various ways. On cooling a 
2*5 per cent, gelatin sol, a gel is obtained. If the sol contains mag¬ 
nesium sulphate in solution a very stiff gel may result; if, on the other 
hand, potassium iodide is present, the sol may refuse to gelate on 
cooling. 

Hatschek’s Equation (1911).—^Considering the theoretical aspects 
of the viscosity of a liquid in which are suspended small particles, 
undeformably spherical in shape, Hatschek concludes that, if 77 is the 
viscosity of the system and that of the continuous phase, 

17-77,(1+0^) .... ( 28 ) 

where c is a constant, equal to 4*5, ViX and v the volume of the disperse 
phase and of the system respectively, provided Vdjv is not greater than 
about 6*4. It will be noted that neifihicr the radius nor the distance 
apart of the particles appears in this equation. The viscosity of the 
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system is thus independent of the size of the particles, and is a linear 
function of the volume of the disperse phase only. A similar equation 
has been deduced by Einstein, the constant c being 2*5. 

This formula has been tested experimentally with suspensions of 
starch granules of varying radii in water (Harrison, 1911). The 
viscosity was found to be independent of the size of the grains, as the 
formula demands, and in linear ratio to the volume of the disperse 
phase. The formula was found to hold up to 30 per cent, of the 
disperse phase. The numerical value of c was 4*75, however, instead 
of 4-5. Application of the formula to sulphur sols has not proved quite 
so successful (Sven Oden, 1912). 

A second formula given by Hatschek as applicable to emulsions 
and emulsoids is : 





(24) 


in which it is assumed that the volume of the disperse phase is at least 
50 per cent, of that of the total system. A is here equal to v/v^- On 
graphing rj against A a curve is obtained, liypcrbolic in appearance, 
r) rising rapidly as A approaches unity. Experiments carried out with 
coarse emulsions of paraffin oil in soap solution have shown satisfactory 
agreement with this formula. 

The difficulty in the case of emulsoids is to evaluate A, for the 
disperse phase swells in contact with the continuous phase and it is 
not easy to determine the amount of this swelling. It may be assumed, 
however, that the volume of the disperse phase is a constant multiple 
of the weight of the dispersed matter. 

Transition Temperatures. —We have already seen that when a 
mixture of phenol and water, containing at least 86 per cent, of phenol, 

is allowed to stand, it separates 
into two layers, the upper one 
being a solution of phenol in 
water and the lower one a solu¬ 
tion of water in phenol. On 
shaking, an emulsion is formed. 
On warming to 68-3° C. the 
liquid becomes clear, as at this 
critical solution temperature the 
liquids are mutually soluble to 
an unlimited, extent. On slowly 
cooling the clear solution from 
a higher temperature down 
through 68*3° C. a faint opal¬ 
escence appears, which becomes 
increasingly pronounced as the 
temperature falls and then gives 

Y /• V* -- place to a white turbidity, char- 

femperature^ C. acteristic of coarse ' emulsions. 

19L—Viscosity and Temperature of As the clear liquid represents a 

Phenol-Water. molecular dispersoid, it is ob¬ 

vious that during the transition 
from solution to emulsion, the disperse phase must have passed through 
the range of colloid dimensions. Ultramieroscopic investigation shows 




THE COLLOID STATE. 


467 


that the opalescent liquid is emulsoid in character, the particles of dis¬ 
perse phase being of colloid dimensions (Wo. Ostwald, D)07). Viscosity 
measurements on the emulsion at 
various temperatures indicate (fig. 

191) that at first the viscosity falls 
as the temperature rises; it then 
rises rapidly as opalescence ap¬ 
pears to a maximum at about 
68*5° C., and ultimately falls, with 
the clear solution, to values lower 
than the initial ones. 

A second interesting example 
is afforded by a starch suspension 
during heating (fig. 102). At first 
a normal decrease in viscosity is 
observed ; it is strictly a linear 
function of the temperature. Then 
between 57® and 58-5® C., which 
is the temperature of gelation, 
there is a sharp change in the 
viscosity, which rapidly increases, 
as indicated. 


so 

8 

O 





58 ^ 

Temperature^ 


^C. 


Fia. 192.- 


"Effcct of Heat on Starch 
Suspension. 


CoLol R Phenomena. 

Hoth opalescence and colour usually reach a maximum intensity in 
the colloid range. Thus, for exanqile, molccularly dispersed solutions of 
gold are pale yellow in colour; indeed, very dilute solutions are prac¬ 
tically colourless. When, however, these dilute solutions are treated 
with reducing agents which precipitate the gold in colloid form, an 
intense red or blue colour is developed, according to the degree of dis¬ 
persion of the colloid particles. It has been suggested that the blue 
colour of certain specimens of rock salt (p. tit) is due to the presence of 
colloidal sodium, and that of ultramarine to colloidal sulphur. 

As we might expect, different degrees of dispersion cause different 
colour effects. Usually the most highly dispersed particles give a 
yellow or orange effect, the larger ones giving violet. It has already 
been mentioned in connection with Zsigmondy’s gold number (p. WO) 
that the addition of sodium chloride to red gold sol tends to turn it 
blue or violet in consequence of a gradual increase in size of the colloid 
particles. Silver hydrosols show similar changes in colour with varia¬ 
tion in particle size, as indicated by the following data (Schaum and 
Lang, 1921): 


Colour of Silver Sol. 

j 

Diameter of 
Particle. 

Orange-yellow 

Orange-red .... 
Purple .... 

Violet ..... 
Bluish-green 

00 fijU 

90 „ 

120 „ 

150 „ 

180 




468 


PHYSICAL CHEMISTRY. 


The foregoing remarks apply more particularly to suspensoids. 
Emulsions of two liquids of similar refractive index but possessing 
different degrees of dispersion are chromatic, for the systems resemble 
vast collections of lenses. The effects sometimes are very beautiful. 
An example is afforded by glycerol dispersed in benzene. The system 
may be stabilised by addition of cellulose nitrate in amyl acetate. Such 
systems are known as chromatic emulsions. 

The Preparation of Sols. 

Sols may be prepared by either of two different types of methods, 
namely : 

A. Beginning with a system of low dispersion, the degree of dis¬ 
persion is increased until colloid dimensions are reached. This is 
knowm as peptisation (Greek peptein^ to digest) or simply as dis¬ 
persion. The term “ peptisation ” w^as introduced by Graham 
because the process resembles that observed when solid proteins are 
peptised by ferments. 

B. We may, on the other hand, begin with a molecular system and 
condense until colloid dimensions are reached. This is exactly opposite 
to the previous method and is known sini})ly as condensation. 

Condensation is more usual wdth suspensoids than peptisation ; it 
is usually more easy to effect, for the specific surface and hence the 
total surface tension effect is reduced, energy being liberated. 

An interesting experiment was carried out by von Weiniarn. An 
alcoholic solution of sulphur in a test-tube was frozen in li(piid air. The 
sulphur remained in solution, probably as a molecular dispersoid, 
possibly partly in colloid form. On slowly warming, the following 
changes were observed : 

(a) The solid became opalescent due to separation of colloidal sulphur. 

(h) The w^hole became white, the sulphur particles now^ exceeding 
colloid dimensions. 

(c) The suspension became faintly white as the suspended particles 

re-dissolved in the warmer alcohol and fell again to colloid 
dimensions. 

(d) The solution became clear, the sulphur again being in molecular 

solution. 

The first two changes, (a) and (6), illustrate condensation from a 
molecular dispersoid to a coarse suspension ; the next two changes, 
(c) and (d), illustrate the reverse, namely peptisation. 

It has been pointed out (p. 466) that when an emulsion of phenol 
and water is warmed to its critical solution temperature, just before 
the liquid becomes a clear solution, an opalescence appears, due to 
the presence of globules of phenol of colloid dimensions in the water. 
Similarly on slowly cooling the clear solution the opalescence reappears. 
The difficulty, however, is to stop the peptisation or condensation, 
as the case may be, at the proper place. Let us see how this can be 
done. 

A. Methods involving Peptisation or Dispersion. 

From Gels.—^In the preparation of emulsoids dispersion methods 
are frequently applied to gels. These usually consist in adding the 
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requisite quantity of continuous phase to the gel. Thus, when the 
carpenter prepares his glue for application to wood, he warms the gel 
with water in a glue pot, which is esseutially a water bath, until an 
emulsoid of requisite concentration is obtained. 

In preparing a sol of gum tragacanth the guru, 1 I 
in the form of a powder, is first moistened with ^ ^otassium 

alcohol and the mixture is then violently dis- Citrate 

rupted by a rapid stream of water obtained by 
turning on the tap rapidly and allowing water 
to burst into the mixture in its containing vessel. 

If water were simply added to the dry gum the 
outer portions would swell and protect the inner 
ones, and thus a sticky, unmanageable mass 
would be obtained. By making use of the solvent 
properties of alcohol in the manner described, 
this difficulty is overcome. 

Mechanical Methods. —Sols of mercury can 
be made by forcing water, containing a trace 
of potassium citrate (2*5 x 10 ® normal), which 
tends to prevent coagulation of the mercury, 
through mercury in such a manner that bubbles 
form on the surface of the mercury under water. 

These, on bursting, produce mercury hydrosols 
of a high degree of dispersion (Nordlund, 1918). 

A suitable form of apj)aratus is shown in fig. 193. 

Chemical Methods. —As illustrating these, 
the preparation of cadmium sulphide hydrosol 
may be mentioned. Cadmium sulphide is first 
j)recipitated from ammoniacal solution with 
hydrogen sulphide. The precipitate is filtered 
off, washed, suspended in excess of water and 
hydrogen sulphide passed through. The sus¬ 
pension gradually becomes milky, then yields a 
clear, golden-yellow sol, with a slight red cast 
on its surface. On replacing the dissolved hydrogen sulphide with 
nitrogen, by bubbling this latter gas through the liquid, a very stable 
sol results. 



Fig. 193.—Apparatua for 
Production of Mercury 
Sols. 


B. Methods involving Condensation. 

These may be physical or chemical. A few illustrations will suffice. 

Freezing.—Ice can readily be obtained as an organosol by rapidly 
cooling saturated solutions of water in organic media. When, for 
example, chloroform is saturated with water and rapidly cooled to 
- 80® C. the ice separates out in particles of colloid dimensions, and the 
sol may be passed unchanged through filter-paper (von Weimarn, 1910). 

Change of Solvent.—This is a very convenient method. Sulphur, 
for example, is practically insoluble in water, but dissolves in ordinary 
alcohol to the extent of about ()'05 gramme per 100 grammes at 18® C. 
Upon adding a saturated alcoholic solution to excess of water with 
vigorous stirring, the sulphur is precipitated out as a hydrosol, which 
is very stable, white in colour, with a bluish opalescence. Hydrosols 
of phoaptiorua* gamboge, mastic, etc. may prepared in a similar 
maimer* The gamboge sol is canary yellow in colour; the other two 
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are white. An etherosol of selenium may be obtained by pouring a 
solution of crystalline selenium in carbon disulphide into an excess of 
ether. It has a beautiful rose-red colour, possessing a metallic sheen, 
and is stable for many days or weeks. 

Chemical Precipitation is frequently employed. One of the 
simplest cases is the hydrolysis of ferric chloride. A (ouple of drops 
of saturated ferric chloride solution arc added to about 800 c.c. of 
water in a beaker. This dilute solution, which is practically colourless, 
is now warmed to about 80° C., when it develops a well-marked orange- 
brown colour due to separation of ferric hydroxide in particles of 
colloid size. The sol is very stable, and illustrates very clearly the 
great intensity of colour that may be developed within the colloid 
range (p. 1.46). An orange-coloured sol of antimony trisulphide is 
readily obtained by adding ammonium sulphide to an excessively 
dilute solution of tartar emetic (potassium antimonyl tartrate). By 
passing hydrogen sulphide into dilute solutions of arsenious oxide and 
mercuric cyanide, sols of arsenious and mercuric sulphides are 
obtained respectively; the former is orange in colour, with a green 
surfac^e effect in reflected light; the latter is browmish-black. Addition 
of a drop of ferric chloride solution to a jar of very dilute, acidified 
potassium ferrocyanide solution, with vigorous stirring, yields a clear 
blue sol of Prussian blue. In most of these cases the sol is rendered 
more stable by addition of a small quantity of an emulsoid, such as 
gelatin, 0 5 gramme of which, per litre, has proved very effective. In 
the preparation of metallic sols, chemical reduction is fretpiently 
employed. On warming a very dilute solution of gold chloride with 
a little tannic acid, a beautiful cherry-red colour develops, due to 
colloidal gold. The sol is fairly stable, and the tannic acid serves as 
a weak protective colloid as well as a reducer. If hydrazine chloride 
is used as reducing agent a blue or violet colour is developed, for the 
gold particles are of different size (p. 460) owing to the more powerful 
reducing activity of the hydrazine. Similarly a brown silver sol is 
obtained by reducing a very dilute ammoniacal solution of silver 
nitrate with tannic acid. A gel of gold and stannic acid possessing a 
rich purple colour by transmitted light is obtained by adding stannous 
chloride solution containing stannic chloride to dilute neutral gold 
chloride solution. It was first described by Andreas Cassius of Leyden 
in 1688, and is usually known as Purple of Cassius. When the 
precipitate is washed and dried it acquires a metallic lustre. When 
stannous chloride is added to dilute solutions of platinum salts a red 
coloration is produced due to the formation of so-called red colloidal 
platinum, w^hich is kept in a fine state of division by the colloidal 
stannic acid present. In the absence of a protective colloid the red 
colour changes to brown. An interesting analogy may be traced 
between this red colloidal platinum and the better known Purple of 
Cassius referred to abbve. 

As obtained by chemical methods such as the foregoing, the sols 
are contaminated more or less with other substances that may remain 
mostly dissolved in the continuous phase, but are also partially adsorbed 
on to the surface of the disperse phase. As we have already seen, 
adsorbed ions cause most, if not all, of the electric charge carried by 
sols, and the particular method of preparing a sol may determine 
whether that sol shall be charged positivdy or negatively (p. 461). 
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Electrical Methods. —In 1899 Bredig prepared hydrosols of 
platinum by sparking with a (iontinuous current between two stout 
platinum wires immersed in ice-water. At first glance this might 
appear to be a dispersion method, but it is not really so. The metal 
is first vaporised by the intense heat of the arc and then condenses 
in the water. Sols of palladium, iridium, gold, silver, etc. have also 
be(^u prepared in this way. By using pure water and pure platinum 
we expect to obtain a pure liydrosol; nevertheless it is always negatively 
charged. The old idea was that the 
charge was frictional, but this has 
been shown to be incorrec‘t. The 
charge appears to be ionic, and it is 
thought that during disintegration in 
the arc some of the platinum is oxi¬ 
dised and during subsequent conden¬ 
sation some platinum particles and 
some oxidised particles coalesce. The 
oxidised platinum in contact with water 
acts as an electrolyte, perhaps as 
platinic acid, Pt02.4H20 or 
with the result that the growing par¬ 
ticles develoj) into a (*omplex anion in 
equilibrium with an equivalent quantity 
of hydrogen ions (Pennycuick, 1927). 

Bredig’s sols were prepared in open 
beakers or dishes. The are thus was 
“ free.” By suitably surrounding the 
arc Svedberg has obtained what he calls 
an enclosed arc, the temperature of 
which is greater, the vaporisation of 
the metal being considerably increased. 

Of the two electrodes the anode is the 
more sensitive to thermal protection. 

Svedberg’s apparatus is sliown in outline 
in fig. 194. It has been used for the 
preparation of silver alcosols, and con¬ 
sists of a quartz tube AB provided with 
a small hole level with the arc between 
two silver wires of about 1 mm. dia¬ 
meter. A current of nitrogen enters 
through both ends of the tube AB and 194.--8vedberg’8 Enclosed Arc. 
escapes through the small hole, carrying 

with it the silver vapour at a high temperature. By applying a magnetic 
field, the escape of the silver is facilitated. The metallic vapour condenses 
in the alcohol in the surrounding tube CD, yielding an alcosol. The sol, 
however, may contain appreciable quantities of colloidal silicic acid. 

Concentration of the Disperse Phase. 

The concentration of a sol is expressed by the ratio of the disperse 
phase to the continuous phase. Since, however, the colloid paiticles may 
vary in size, one should, strictly speaking, give the specific surface of 
the disperse phase as well as the concentration. 
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In the absence of a protective colloid, suspensoids can usually be 
prepared only in dilute sols, usually containing less than 0-5 per cent, 
of metal by weight in the case of metal sols. Higher concentrations 
of suspensoids other than metals have been obtaine?d, as, for example, 
4*4 per cent, of arsenious sulphide and 4*58 per cent, of sulphur in the 
corresponding hydrosols. 

Emulsoids, on the other hand, are not so restricted. Indeed there 
appears to be no upper limit of concentration. Thus gelatin, by 
suitable regulation of the temperature, will retain its colloid form with 
progressively smaller quantities of water, and will not separate as a 
coarse mechanical system or emulsion. 

Emulsoids. 

Emulsoids are classified usually as organic and inorganic. The 
former are the more numerous; the latter are represented by silicic 
acid and a few other substances of analogous composition, such as 
stannic acid and titanic acid. 

Gelation. —Emulsoids show considerable variation with regard to 
gel formation or gelation. They may be divided into three main 
groups, namely, where 

(a) Gelation is reversible and may be produced by increasing the 
concentration or lowering the temperature. This is the case with agar and 
gelatin. Hysteresis (Greek hysteros, later) is usually manifested on setting, 
the setting point lying many degrees below the melting point (p. 476). 

{h) Gelation may take place irreversibly on warming, as with 
albumen, or on addition of electrolytes, as with silicic acid. 

(c) Gelation may not take place either on heating of on cooling. This 
is the case with most emulsoids in continuous phases other than water. 

Adsorption of Emulsoids. —The disperse phase of emulsoids is 
very susceptible to adsorption by solids. The corrosion of metals 
immersed in water affords a good illustration, the presence of small 
quantities of typical emulsoids exerting a pronounced retarding effect. 
The following data refer to small sheets of iron, zinc and lead suspended 
in water and various emulsoids of concentration 0-2 per cent. The 
corrosion was determined by noting the loss in weight after an exposure 
for three weeks, the loss suffered by the metals in water alone being 
taken as 100 (Friend and Vallance, 1922). 


Effect of Emulsoids on the Rates of Corrosion of 
Metals in Water. 


Emulsoid. 

f 

Relative 
Corrosion 
of Iron. 

Relative 
Corrosion 
of Zinc. 

Relative 
Corrosion 
of Lead. 

Water ..... 

100 

100 

1 (M> 

Sucrose ..... 

112 

129 

5 

Gum acacia .... 

57 

200 

19 

Gelatin ..... 

41 

94 

8 

Tragacanth .... 

28 

26 

2 

Agar. 

1 ^ 

0 

1 
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These results arc of considerable domestic importance, since in culinary 
operations emulsoids arc produced largely. In this probably lies the 
explanation of the very marked resistance to corrosion offered by 
aluminium cooking utensils. The behaviour of sucrose is interesting, 
for in dilute solution it is not colloidal but molecularly dispersed. It 
shows a pronounced accelerating action on the corrosion of iron and 
zinc, but a powerful retarding action on that of lead. Lead is very 
susceptible to colloid retardation. 

The rate of dissolution of salts in water is retarded by the presence 
of emulsoids, which appear to be adsorbed on to the crystal faces and 
so retard the solvent action of the water. The following results 
obtained with a few typical emulsoids at room temperatures are 
illustrative: 

Effect of Emulsoids on the Rates of Dissolution of 
Salts in Water. 


Emulftoid. 

Percentage 
Concentration 
of Kmulsoid. 

Duration of 
Experiment, 
minutes. 

Salt. 

Percentage 
Retardation 
of Dissolution. 

Afrar 

(>•02 

00 

K2SO4 

1*8 

(lolatin . . 1 

010 1 

20 

i 

I f * 

1-51 

Gtmi acacdn 

010 

20 


M 4 

Agar . 

o-oa 

010 

1.5 

15 

K('IO, 

1 (58 

150 


The retardation in the rate of solution is quite pronounced, and the 
order for the different emulsoids is substantially the same as in the 
corrosion experiments already mentioned. The retardation increases 
progressively with the concentration of the emulsoid, but if sufficient 
time be allowed the same amount of salt will be dissolved eventually 
as if no emulsoid were present. 

In making casts with plaster of Paris, artists delay the setting of 
the plaster by addition of some emulsoid such as gum acacia. Experi¬ 
ment shows that the retardation with varying concentrations of the 
gum conforms very closely to the requirements of the adsorption law 

^ 488). Many other reactions have been studied in a similar manner. 

us the liberation of iodine from potassium iodide solution by 
ammonium persulphate is similarly retarded. Agar, on the other hand, 
appears to have no influence on the velocity of the acid catalysis of 
methyl acetate. This suggests that the rates of reactions taking place 
in solution and concerned with molecular dispersoids only, without 
involving any change of state, are not appreciably affected by dilute 
emulsoick. Generally speaking, emulsoids tend to retard the rate of such 
reactions^ whether chemical or physical, as involve a change of state from 
solid to liquid or vice versa in one or more of the components. 

In photographic processes the part played by emulsoids and gels 
on the rate of chemical reactions is of paramount importance. 

A very pretty lecture experiment is afforded by the precipitation 
of mercuric iodide bn addition of the chloride to potassium ioaide. If 
this is carried out in moderately dilute aqueous solution, the unstable 
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yellow form is first precipitated, but changes rapidly from orange to 
red as it becomes converted to the more stable variety. If, however, 
the reaction is carried out in the presence of gelatin, say 1 per cent., 
the liquid first turns yellow momentarily, due to the formation of 
colloidal mercuric iodide, then becomes turbid, and a beautiful canary 
colour develops, which remains practically unchanged for half an hour 
or more, according to circumstances. Only very slowly does change 
occur to the red polymorph. The protective colloid retards the growth 
of the yellow particles. Sunlight accelerates the change markedly. 
With the aid of the ultramicroscope these changes may be seen 
beautifully. Drops of gelatin and dilute potassium iodide solution are 
mixed under the coverglass and the ultramicroscope focussed as usual. 
A drop of mercuric chloride solution is brought to the edge of the 
coverglass and is drawn under by capillary action. The field of the 
ultramicroscope becomes swTpt with a stream of luminous particles 
moving with dazzling velocity—^the Browmian movement of the colloidal 
mercuric iodide. The movement slows down as the particles increase 
in size, until the colloid range has been passed, and after a few minutes 
a fine precipitate is obtained evincing hardly any movement. 

Influence of Emulsoids on Suspensoid Catalysts. —The stabilis¬ 
ing action of emulsoids on suspensions has already been referred to 
(p. 460). It is attributable to adsorption. It is not surprising, there¬ 
fore, that the catalytic activity of suspensoids, protected in this manner, 
should be weakened. The decomposition of hydrogen peroxide, for 
example, is accelerated by the addition of even traces of colloidal 
platinum (p. 471), and the reaction is a convenient one to study since 
the rate of decomposition is followed readily by titration of aliquot 
portions of the reaction mixture with potassium permanganate. 
Addition of a little gelatin sol retards the catalytic activity of the 
platinum, as the following data (Groh, 1914) show. By 9 is meant 
the relative time required to decompose 50 per cent, of the peroxide 
solution using the same concentration of platinum sol. 

Gelatin, per cent. . 0 000 0 001 0 01 0 05 010 

9 . . . .100 437 460 620 083 

If the retardation is regarded as proportional to the extent of adsorption 
by the sol, the data are found to conform to the requirements of the 
adsorption law (p. 438). The inhibitive effect of various other typical 
emulsoids upon the decomposition of hydrogen peroxide by colloidal 
platinum has been studied by Iredale (1921), and when these emulsoids 
are graded in the order of their inhibitive powers, the order is substan¬ 
tially the same as that obtained in the corrosion tests (p. 472). This 
is to be expected, as both are adsorption phenomena. 

Colloidal Electrolytes. —^This name has been given (McBain and 
Salmon, 1920) to solutions of salts in which one of the ions has been 
replaced by a charged, hydrated ionic micelle or colloid particle. The 
electrical conductivity of a colloidal electrolyte is comparable with that 
of an ordinary salt, since the colloidal ion is very heavily charged; but 
since the ionic colloid exhibits the low osmotic effects of an ordinary 
colloid, the total osmotic activity of a colloidal electrolyte may be 
much less than that of an ordinary electrolyte. 

To this group of substances belong dyes, such as Congo red, various 
indicators, and gelatin salts; in short, many substances of high 
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molecular weight, such as, for example, those containing long carbon 
chains, but whic*h are able to cast off an ordinary ion. 

In this connection soaps have been very carefully studied by 
McBain and his co-workers ; they are particularly suitable for the 
purpose, since their chemical formulae are known, no tautomerism takes 
place, and a truly reversible equilibrium is readily established in 
solution. Furthermore, the definite transition from a typical crystal¬ 
loid electrolyte through a colloidal electrolyte ultimately to a neutral 
colloid may be demonstrated by changing the temperature and con¬ 
centration. I^fCt us choose sodium palmitate as our typical soap. 
For most concentrations the degree of hydrolysis in water is very small; 
in extreme dilution it is appreciable, but with concentrations ranging 
from decinornial u])wards the concentration of hydroxyl ion, as deter¬ 
mined by c.m.f. and by catalytic methods (see Vol. II), increases but 
slowly. The hydrolysis of sodium palmitate is represented as follows ; 

Cj^HgiCOONa +H 2 O C 15 II 31 COOH +NaOH, 

and the actual extent of hydrolysis at 90® C. is found to be : 

Concentration of Soap (Normality) N 0-75N 0-5N 0-lN 0 * 01 N 
Hydrolysis (Per cent.) . . 0-20 0*30 0-3T 1-28 6*6 

Abo\x decinormal, which is a{)proximately 3 per cent, concentration, 
the hydrolysis is only a fraction of I per cent. 

Desjiite this low hydrolysis, soaps, particularly in concentrated 
solutions, exhibit a high electrical conductivity, comparable with that, 
for example, of sodium acetate. As so little free alkali is present this 
must be a property of the soap itself. 

McBain concludes that, in concentrated solution, a portion of the 
soap coalesces to form a neutral colloid particle, say (NaP)j;p, where 
P stands for the palmitic acid radical. The anions also are supposed 
to combine similarly with one another, say to (P'),,, where P' represents 
the palmitic ion, carrying one electric charge. These aggregates 
coalesce, together with water, to form a heavily charged colloid particle 
of general formula 

(NaP),. (P')„. (H,0),. 

Such aggregates constitute the micelles alrendy referred to. Being of 
colloid dimensions they exhibit but little osmotic activity ; but because 
of their large electric charge, n being at least 10 , and probably much 
more, these micelles move rapidly in an electric field, and thus impart 
to the solutions a comparatively high electrical conductivity. 

Gels. 

A gel may be defined as a solids jelly-like system which may consist 
of two liquid phases or of one solid and one liquid phase. As with sols, 
a suitable prefix indicates the nature of the continuous phase. The 
terms hydrogel, aleogel, benzogel are self-explanatory. 

An ordinary table jelly is an excellent example of a hydrogel, and 
its method of preparation by allowing a warm emulsoid of sufficient 
concentration to cool to the ordinary tempera|;ure is a typical one. 
If such a gel is warmed, it becomes an emulsoid sol again ; this is 
termed solatiaii* 
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Gels are classed roughly as rigid and elastic* To the former class 
belong the inorganic gels such as silicic acid ; most ,jellies are elastic. 

Physical State. - -Gels appear to be solid, even when they contain 
upwards of 99 per cent, of water. They may be cut, bent, and even 
broken. When subjected to prolonged pressure they gradually flow, 
and in course of time a gel will assume the shape of its containing 
vessel. 

Probably gels possess structure. W^e have already seen that 
emulsoids appear to possess a certain amount of structure, and that 
this is more or less broken down by passage through capillaries (p. 464). 
It is reasonable to suppose, therefore, that in gels this structure will 
be more definite. Microscopic examination, however, is not free from 
objection. The two phases of a gel possess closely similar refractive 
indices, and if stains or other substances are used to bring out the 
microstructure, it may well be argued that these agents may cause or 
modify that structure. Vapour pressure measurements indicate that 
gels have fine pores, 2*5 to 5 fifjL in diameter, which suggests a fibrillar 
structure. 

The structure of a gel may be more or less independent of the liquid 
continuous phase, since this latter may be replaced by other liquids of 
very diverse character and even by gas, with inappreciable shrinkage 
(Kistler, 1931). Ordinary evaporation of the liquid phase causes 
severe shrinkage (see p. 479), and the effect upon the structure may 
be very pronounced. Suppose, now, a gel is produced in a suitable 
liquid, and that liquid is more or less completely replaced by a second 
liquid, such as alcohol or propane, of low critical temperature and which 
does not dissolve the structure; then, on placing in an autoclave with 
excess of the liquid and raising above the critical temperature whilst 
the pressure is maintained above the vapour pressure, so that sufficient 
evaporation of liquid cannot occur to cause contraction of the gel by 
surface capillary forces, the liquid is converted to gas without dis¬ 
continuity. If the gas is allowed to escape, then, on cooling, a coherent 
gel is obtained, the volume of which is practically unchanged, whilst 
the continuous phase has been replaced by air. Silica aerogel has 
been obtained by Kistler in this way ; it is highly, opalescent, displaying 
a glassy fracture and, when dropped, small pieces emit a metallic ring. 
In a similar manner aerogels of gelatin, agar, egg albumen, alumina, 
etc. have been prepared* 

Melting Points. —Gels do not melt sharply like pure crystalline 
substances, so that the numerical value of the melting point must be a 
somewhat arbitrary figure. Usually the melting point is higher than 
the setting point, a phenomenon known as hysteresis (p. 472). This is 
illustrated by the hydrogels of agar and gelatin : 


i 

Melting Point, 

Setting Point. 

Agar (approx. 1 per cent.) . 

Gelatin (approx. 5 per cent.) 

100 to 105° C. 
26° C. 

85 to 40° C. 
18° C. 


The melting point of a gel is determined conveniently by allowing 
it to set in a thin-walled test-tube with a glass rod R (fig. 195) 
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embedded in it. On slowly warming the water bath the temperature 
is noted at which, on raising R, the test-tube begins to slide off the gel. 
If, now, the bath is allowed to cool, the setting point is the temperature 
at which the test-tube rises with R when the 


latter is lifted. 

Diffusion. —^Molecular dispersoids diffuse 
readily through gels. Graham, for example, 
found that sodium chloride diffused in gelatin 
almost as rapidly as in water. This applies 
only to dilute gels, up to about 3 or 4 per 
cent, of gelatin, or, in the case of agar, less 
than 1 per cent. At higher concentrations of 
the disperse phase the rate of diffusion is 
appreciably less. 

The process of diffusion can readily be 
watched if (‘oloured substances are used. For 
example, a test-tube may be half-filled with 
a gel of agar or gelatin by pouring the w^arm 
emulsoid into it and allowing to cool. If, 
now, a solution of some coloured salt, such as 
copper sulphate or cobalt chloride, be poured 
on top and allowed to stand, the characteristic 
colour will gradually penetrate down the gel 
as diffusion proceeds. If a dilute solution of 
ferric chloride is poured into a tube contain¬ 
ing an agar gel to which a little alkali!\e 
phcnolphthalein has been added, the red 



Fig. 195,—Apparatus for Dc- 
t<Tinining Melting Point of 
riel. 


colour is bleached as the hydrochloric acid, produced by hydrolysis of 


the ferric chloride, diffuses downwards. 


Some gels, however, offer considerable resistance to the passage of 
dissolved substances. Thus a fairly concentrated solution of sodium 
sulphate will deposit crystals if some pig bladder is introduced. The 
bladder imbibes the water, but not the sodium sulphate. Certain 
inorganic gels, such as copper ferrocyaaide, refuse admittance to many 
dissolved molecules, and thus act as semipermeable membranes. These 
are widely used in osmosis investigations (p. 382). 

Rhythmic Precipitation. —In 1869 Ord obtained stratified pre¬ 
cipitates of calcium oxalate in the presence of colloidal substances. 
The subject was more fully investigated by Liesegang in 1896, and his 
name is usually coupled with the phenomenon. If a little dilute silver 
nitrate solution is poured into a test-tube containing gelatin hydrogel 
to which a small quantity of potassium dichromate has been added, a 
red patch of silver chromate is formed at the surface of the gel. Upon 
standing for a few hours it will be observed that a clear space occurs 
just below the top layer of silver chromate, followed by a band of 
more silver chromate ; this is followed by alternate clear spaces and 
bands of precipitate for a considerable distance down the tube. The 
phenomenon is known as rhythmic or periodic precipitation. 

The experiment may be varied by preparing a block of gelatin 
containing potassium dichromate and dropping it into a beaker con¬ 
taining silver nitrate solution. The silver salt diffuses into the block 
ffrom all parts, and upon removing the block and cutting in two, rhythmic 
ptecipitation will be seen to have taken place, the banded structure 
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closely resembling that of agates. It has been suggested that 
agates have been formed in Nature from silica gels in an analogous 
manner. 

If a thin layer of chromated gelatin is spread on a sheet of glass and 
a drop of silver nitrate solution added at the centre, diffusion takes 
place outwards from the drop and rings of sih^r chromate are produced. 
These are known as Licsegang rings. 

Measurement shows that, if dg, dg . . . are the distances between 
successive rings, then the ratio 

do do . 

7 -—T- = constant. 

d2 — d| 

Periodic, precipitation can be effected under suitable conditions in 
the entire absence of gels (Morse, 1931), althongJi the formation is 
usually microscopic in size. The functioi\ of the gel in the foregoing 
experiments would thus appear to be merely to render more favourable 
the conditions of periodic precipitation and thus to induce effects that 
are macroscopic in size. Although many theories ha\'e been suggested, 
the simplest appears to be that the distance between successive rings 
is largely determined by the difference between the rates of diffusion 
and of precipitation in the gel. The gel retards the “ release ” of 
supersaturation and thus enhances the relative effect of diffusion, so 
that an increase in the distance between successive rings occurs, other 
things being equal, over that in the absence of the gel, 

Turgescence. —Many gels tend to swell when exposed to certain 
liquids or vapours. This is termed turgescence (Latin iurgere, to swell) 
or imbibition (Latin in, into ; hihere, to drink). A similar pheno¬ 
menon has long been known. The ancients quarried by hammering 
dried wooden wedges into cracks in the rocks. Water was then poured 
on, which caused the wood to swell and force the masses of rock apart. 
The bursting of fruit after a prolonged drought is much the same 
phenomenon, the skin being unable to keep pace with the turgescence 
of the fruit beneath. 

In general the total volume of the gel and water falls, as can readily 
be shown in the case of gelatin by adding the latter to a flask with a 
long narrow neck, fdling with water to a given level, and noting the 
fall in level some hours later when the gelatin has swelled. 

Only certain liquids or vapours will induce turgescence. Thus 
rubber is practically unaffected by water, but immersed in benzene it 
expands enormously in a very few minutes. Every cyclist knows that 
the amount of rubber left on a tyre after evaporation of a fairly large 
bulk of rubber “ solution ” is very small. 

Sometimes a certain temperature must be reached before turgescence 
takes place ; this is so with ordinary potato starch. The water must 
be raised to about 58® C. When swelling occurs the viscosity suddenly 
increases very greatly (p. 467). 

The effect of vapours in producing swelling is well illustrated by 
breathing on to thin sheets of gelatin. Unequal turgescence takes 
place and the gelatin foil coils up into various shapes. The swelling 
of animal hair in a moist atmosphere is utilised for hygrometers. 

Turgescence is accompanied by heat evolution, as the following data 
show: 



THE COLLOID STATE. 


479 


Dried Gel. Gramme-calorics evolved 

per gramme of Gel. 

Gelatin ..... 5*7 

Starch ...... 6-6 

Gum acacia ..... o o 

Gum tragacanth .... 10*3 

Syneresis —a term due to Graham—(Greek syn, together ; hairein, 
to take) is the exact opposite of turgesccnce, and refers to the partial 
separation of the continuous })hasc from the gel. When a dilute gel 
is allowed to rest for several hours or days, protected against evapora¬ 
tion, and of course from any possible infection by micro-organisms, it 
separates into two layers, one being liquid and the other solid, as before, 
but containing a higher concentration of disperse phase. 

The liquid layer may be in the form of drops, and is 
usually termed “ condensation water.’’ This is not a 
good term, for it is not pure water, but a dilute sol ; 
and it has not been condensed, but secreted from the 
gel. If unprotected from evaporation, the water will 
})ass off as vapour and the gel will become drier. 

When a gelatin sol is poured over glass, allowed to 
set and the whole warmed to, say, 100° C. in an oven, 
much of the water evaporates off rapidty, and the gel 
shrinks, but as it clings tenaciously to the glass, the gel 
tries to make the glass surface shrink with it and 
actually tears out shell-shaped pieces of glass. 

When a dilute gel on a sheet of glass is surrounded 
by a freezing mixture, some of the water in the gel 
crystallises as frost figures. Upon thawing and allowing 
this water to drain away, the gelatin retains the im¬ 
pression of the crystals. 

Effect of Strain. —In the unstrained state gels are 
isotropic; when strained, however, they become doubly 
refracting, like glass under strain. Quantitative experi¬ 
ments indicate that the extent of the double refraction 
is approximately proportional to the strain (Leick, 1904). 

When rapidly stretched, gels become warm. Hence, 
by the theorem of Lc Chatelier (p. 23), rapid warming 
of a stretched gel should cause it to contract. This may be illustrated 
by suspending a stretched piece of rubber tubing in the centre of a 
wide tube down which steam is subsequently passed (fig. 196). As the 
temperature of the rubber rises, the indicator A ascends the arbitrary 
scale. 

When Auolently shaken, a gel may become liquid, but return to its 
gel form again on standing. This change is known as thixotropy (Greek 
thixoma% I shall touch). 

Disperse Systems in Gases. 

Disperse systems in which the continuous phase is gaseous are found 
to resemble, as closely as one could reasonably expect, the solid-liquid 
and liquid-liquid systems which have been discussed in the precedin^g 
pages. Systems of one component are known, of which a mist of liquid 
water in water vapour affords a good example. The most common 
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systems, however, contain two components, and if the air is the gaseous 
phase and the disperse particles arc of colloidal dimensions, the system 
is termed an aerosol. Such dispersions may be divided into two groups 
according as the disperse phase is solid or liquid. Examples are : 

Solid disperse })hase . . Dust, fume, smoke. 

Liquid ,, „ . . Cloud, mist, spray. 

Formation of Disperse Systems.—Both dispersion and con¬ 
densation methods may be employed. As examples of dispersion 
methods, grinding, spraying and explosion or detonation may be 
mentioned. The student will readily think of examples of these. In 
Nature these processes frequently occur on a grand scale. During the 
great eruption of Krakatoa in 1883 vast quantities of dust were hurled 
into the air, and for several years afterwards the sunsets were remarkable 
for their glow, indicating that particles of dust in a highly disperse 
condition continued to float in the atmosphere. 

Preliminary dispersion may lead ultimately to condensation as a 
final stage. Thus, during the Great War, cloud screens were produced 
frequently by the detonation of hygroscopic substances such as stannic 
chloride. Atmospheric moisture condensed on the finely dispersed 
particles, yielding a mist. Some of the earliest smoke clouds produced 
were obtained by the combustion of white phosj>horus. Other 
examples of condensation are afforded by the gradual cooling of a 
moist atmosphere, whereby a mist or cloud is produced, by the vola¬ 
tilisation of metals in an electric arc and their subsequent condensation 
in the surrounding air, by the union of two chemically reactive gases 
such as ammonia and hydrogen chloride—at first the product of the 
reaction will be of molecular dimensions, but condensation leads to the 
production of a fog. 

In Nature, cloud particles range from about 6 to 17 jm in diameter; 
fog particles are larger, namely, from 14 to 35 /x. When the diameter 
reaches 40 /x, or 0*04 mm., the particles begin to precipitate out as fine 
rain. Rain drops vary in size from this to a maximum of about 6 mm. 
A cloud may be produced artificially by the sudden, adiabatic expansion 
of a moist atmosphere containing dust particles. The cooling due to 
the expansion causes deposition of moisture on the dust particles. 

In many chemical reactions, notably in certain forms of oxidation 
or combustion, fumes are produced which yield fogs containing particles 
in a highly disperse condition. Thus, when roasting arsenical ores a 
fume of arsenious oxide is evolved; in the regulated combustion of 
crude oils a black smoke of carbon is evolved which, on condensation, 
yields the product known as lampblack or carbon black; combustion 
of coal and other fuels in factories and domestic grates yields vast 
quantities of smoke—^thus a massive bank of smoke in I^ndon has 
been seen to rise to a height of'several thousand feet and to be carried 
away in a sunlight-obscuring trail fifty miles in length. 

Among the inorganic particles present in the air are minute crystals 
of sodium chloride which are believed to owe their origin to sea spray, 
and are found inland, hundreds of miles from the sea. Sodium sulphate 
particles are also present, and are formed probably by the interaction 
of sodium chloride with sulphurous acid vapour, with subsequent 
oxidation. 
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The Concentration of the Disperse Phase. —^The amount of 
coarsely dispersed material in the air or in gases is frequently determined 
by aspiration of the air or gas throtigh some porous material which 
functions as a filter and examining the residue gravimetrically or 
colorimetrically. This method is frequently used for determining 
the concentration of smoke in boiler flues and stacks. The apparatus 
shown in fig. 197 is fairly typical. A brass tube AB is fixed horizontally 



in the stai^k wall. It is closed at A, but a slit CD, some 3 inches long, 
admits the smoke, which is aspirated at the rate of about one litre }>er 
minute through the glass tube G containing a cotton plug, which is 
dried in a steam oven before and after exposure until constant weight 
is attained. 

The first accurate work on the concentration of suspended organic 
matter in the air was that of Russell in 1885, who ignited his filter, 
which was of glass wool, with eoj^per oxide, and estimated the carbon 
and nitrogen. He found that London air contained : 

Mgrm. Organic Matter 
per 1(K> cu. ft. Air. 

In line weather .... 0*35 

Dull weather .... 1*03 

Foggy weather .... 2*44 

Results of a similar order were obtained in Leeds by Cohen in 1897, 
namely, 1*2 milligrams of general solid disperse phase per 100 cubic feet 
of air. Assuming this to be distributed uniformly up to a height of 
some 800 feet, it represents 2 cwt. of solid over each square mile. 

Even the purest atmospheres contain minute particles of dust. It 
is rare to find air with fewer than 100 particles per cubic centimetre. 
In liondon the figure may rise to 100,000 or even 150,000. Swiss air, 
which is very clear, has more than 300, and the air over different seas 


has been found contaminated as follows : 

Particles per c.c. 

Atlantic Ocean ..... 2000 

Mediterranean Sea . . . ,875 

Pacific Ocean . . . . . 245 

Indian Ocean . . . . . 243 

In the following table are given some of the data obtained by Owens 
on the Norfolk Coast in a series of tests during August 1921: 

VOL. L 81 
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Examination of Air at Holme, Norfolk. 
(Owens, 1922.) 


Date, 

August 1921. 

Number of 
Particles per 
c.c. of Air. 

Average 

Diameter 

(Microns). 

Remarks. 

13 

150 

0-5 

Fine dark-coloured dust. 
No crystals. 

18 

310 

0-5 to 0-7 

Very uniform in size. 
No crystals. 

20 

14.5 

0-5 

Some crystals. 

25 

304 

1 0-5 

AH rounded. Some ])er- 
feet spliercs. 

28 

17 

0-5 

Irregular. 


Smoke reeortlers arc sometimes used ; in these smoke is made to 
impinge on a cold surface, such, for example, as white paper wra[)ped 
on a revolving water-cooled drum. The intensity of the stain produced 
is roughly proportional to the concentration of tlie disperse phase. For 
w’hite dispersions, such as flour, black papers may be used. 

Various optical methods liave been tried. During the Great War 
the obscuring power of a smoke or cloud was defined as the number of 
square feet of landscape obscured by one pound of smoke material. It 
was measured by dividing the volume of smoke by the depth of the 
smoke layer necessary to obscure the filament of h standard lamp 
(40-watt Mazda). This, of course, was purely an arbitrary standarcl, 
and experience showed that, for a given concentration, a large number 
of small particles was a more effective obscurer than a smaller number 
of large particles. 

Tyndallmeters have been tried (Tolmah, 1919), in which a beam of 
light is made to pass through a column of smoke and the intensity of 
the emergent beam is observed through a telescope fixed at right angles 
to the direction of the beam. If the concentration of the disperse 
phase is not too great, it is regarded as inversely proportional to the 
intensity of the emergent beam, provided of course the particles undergo 
no appreciable change in size. The instrument may be standardised 
with a suspension of finely ground silica in water, and under uniform 
conditions can be made to yield very uniform results. 

Perhaps the most satisfactory method of determining the concen¬ 
tration of the disperse phase consists in electrostatic precipitation, 
which was first suggested by Hohfield in 1824 as a means of preventing 
smoke nuisance, Lodge following up the subject more fully in 1883. 
The process is now carried out on a large scale in the precipitation of 
the suspended particles of commercial fumes and smokes. The Lodge- 
Cottrell precipitator in its simplest form comprises a number of vertical 
pipes or series of plates through or between which, for example, fumes 
from some metallurgical plant are passed. The pipes or plates form 
the anode, whilst the cathode may consist of a wire hung down the 
axis of the pipes or centrally between each pair of plates, and raised to 
gO^OOO yolts, Xbe disperse particles in the gases become highly charged. 
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and are repelled from the wire on to the pipes or plates, where they 
collect and finally fall down into hoj)pers. This method, modified as 
required to meet special conditions, is used for de-tarring coal gas as 
it leaves the retorts at the gas works, for the precipitation of fumes 
of sulphuric acid obtained during concentration of the acid, for the 
fractional precipitation of the constitueiits in smokes, and for many 
other similar purposes. Under suitable conditions ])re(‘ipitation of the 
disperse phase is so complete and efficient that the pro(!Css may be 
adapted to a quantitative determination of this phase. A suitable 
apparatus for this purpose is shown in fig. 198. A fine |)latinuin wire 
under tension and raised to 15,000 volts passes centrally through a 
glass tube, some 10 inches long, containing a weighed piece of thin 



aluminium foil wrapped cylindrically in position. The gases arc passed 
through at the rate of 5 litres per minute. The increase in weight 
of the aluminium foil is noted. 

Brownian Movement in Gaseous Systems.—This was first 
studied by Bodaszewski in 1881, but it w^as not until 1909 that (quan¬ 
titative investigation w^as undertaken, namely, by dc Broglie, The 
movements of particles of tobacco smoke were recorded on a photo- 
gra}>hic plate with the aid of an ultramicroscopc. It was proved 
experimentally in this way that Einstein’s equation (No. 10, p. 455) 
holds for gaseous systems. 

Size of the Disperse Particles.—When the particles of the dis¬ 
perse i^hase are of microscopic size, they can of course be collected on 
a slide and their dimensions observed directly through the microscope. 
When, however, the particles are of colloid dimensions, indirect methods 
must be employed, as in the liquid systems already studied. 

One method consists in noting the rate of sedimentation, in 
accordance with Stokes’ Law^ (eqiiation (8), p. 454). Owing to the low 
viscosity of gases—for air at 15° C. the viscosity is only 1*81 x 10'^ 
unit —the rate of sedimentation is pro})ortiomitely high. It may be 
noted that, assuming the particles to be spherical, the law does not 
hold when their radii exceed 10“^ cm. The particles then fall like 
rain, the maximum velocity of which, falling through the air, is approxi¬ 
mately 8 metres per second. Equation (8) also does not apply unless 
the particles are appreciably larger than the mean free paths, A, of the 
gas molecules. For oxygen (p. 53) A is 10-2 xlO ® cm.; for particles 
of radius less than 1(U^* in oxygen or air, therefore, equation (8) does 
not give accurate results. 

When the particles are relatively large, say of radii lying between 
10 “* and 10""^ the mean or resultant effect of the molecular bombard¬ 
ment to which they are subjected when at rest by the gaseous molecules 
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is that of a uniforin and continuous pressure exerted normally over 
the whole surface area of the particle. Consequently, on falling under 
the influence of gravity, the particle encounters a continuous uniform 
resistance which increases with the velocity of the particle. Taking 
the viscosity of air as 1-81 x KM at 15® C., and neglecting the density 
in comparison with that of water, equation (8) becomes 

u = 120 X 10^ X cm. per sec., 

from which the following velocities for particles of water falling through 
air under gravity are readily calculated : 


Radius of particle 

10-2 

10 * 

10 -* 

10-6 

Hate of fall 

120 

1*2 

1-2 X 10-* 

12 X 10' ^ cm. per 
second. 


The difliculty with the smaller particles is to avoid convection currents. 

If, now, the particles arc smaller than the mean free paths of the 
gas molecules, or, what comes to the same thing, when larger particles 
fall through a rarefied gas, they will tend to slip between the molecules, 
and the resulting velocity will be greater than that postulated by 
Stokes’ Law. Cunningham (1910) and Millikan (1011) showed that 
the relation between the two velocities is given by the expression 

-=14--4- .... (25) 

u r 


where and u are the observed velocity and the theoretical velocity, 
according to Stokes’ assumptions. A is a constant approximating to 
0*817, and A is the mean free path of the gas molecules. Stokes’ 
equation thus becomes 


w = - 


Wobs. 2 


1 +A 




V 


(26) 


The size of the disperse particles may also be calculated from 
observations of the Brownian movement (equation (11), p. 455), 
from the rate of diffusion (equations (10) and (12), p. 455), from the 
intensity of the scattered light (equation (14), p. 456), and finally 
by Millikan’s oil-drop method (1010), so called because it was first 
applied to minute drops of oil. This last method consists in observing 
the rate of fall, under the influence of gravity, of a charged particle 
of mass m suspended in a gas ; an electric field, X, is then applied, 
which partly or completely neutralises tlie effect of gravity or even 
reverses the direction of the particle and makes it rise. Assuming the 
particle to carry one electronic charge, e, and in almost every smoke 
some particles do carry this charge, if Wg is the final velocity under the 
combined effect of the electric field and gravity, 


Wg Xe - mg 


which gives a method of calculating m. 


. (27) 
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Thermal Precipitation. —That solid particles are deposited more 
easily upon a cold surface than upon a hot one is shown readily by 
holding alternately a cold flask filled with mercury and a hot one filled 
with boiling water a few inches above a strip of burning magnesium. 
A deposit of magnesia is formed on the cold flask, but not on the hot 
flask. For this reason a cooled drum is used, as already mentioned, 
with certain smoke recorders. 

If tobacco smoke is passed between two concentric tubes one of 
which is appreciably warmer, say by some 80*^ C., than the other, the 
disperse phase will be quantitatively deposited upon the cooler tube. 

The air in rooms heated by pipes and radiators is warmer than the 
walls and furniture, so that suspended dust readily collects upoii these. 
The ac^cumulation of sooty patches above radiators, lamps and gas 
brackets on the walls and ceilings of rooms is sometimes very pronounced. 

These facts are of considerable biological importance. The dust of 
a dusty atmosphere is cooler than the lungs, and this, coupled with the 
evaporation of moisture, tends to prevent the de})osition of dust on 
the lungs. In this connection it may be mentioned that Lehmann 
(1012) has shown that when a dust-laden air is breathed through the 
nose, a))proximately 40 per cent, of the dust remains in the human 
system, cither in the lungs or stomach, the remaining 60 per cent, 
either being respired or retained by the nose and mouth. If, however, 
the subject breathes through the mouth, some 80 per cent, is retained 
by the body; This illustrates the importance of breathing through the 
nose, but it also illustrates the necessity of reducing the dust in the 
atmospheres of public rooms and dwellings to the smallest possible 
amount, as no matter how careful the subject is, some of the dust finds 
its way into the liuman system. 

Optical Properties. —The permanent gases are very transparent 
to light when free from dust and moisture ; but the introduction of a 
disperse phase effects great changes in this property, particularly in 
the presence of moisture. Tyndall (1868) ascribed the colours of 
sunrise and sunset to the selective scattering of light by minute ])articles 
of dust and/or water suspended in the atmosphere ; the optical effects 
observed after the eruption of Krakatoa support this view. Tyndall 
further showed that the light scattered by the disperse particles 
of smokes and clouds is polarised. Hence an atmospheric haze fre¬ 
quently disappears, or partially disappears, when viewed through a 
N4col prism held at such an angle as to exclude the polarised light 
scattered by the particles. 

Dust suspended in the atmosphere diminishes the transparency of 
the latter by an amount depending on the concentration of the disperse 
particles and upon the moisture content of the air. The effect of the 
moisture is caused by condensation on the dust particles, which in¬ 
creases their apparent size and hence their obscuring power. It has 
been calculated that 2000 particles per cubic centimetre will suffice to 
obscure a mountain at a distance of 50 miles, whilst 100,000 particles 
per cubic centimetre would render objects invisible at a distance of 
1 mile. In the London area there is a loss of some 87 per cent, of sun¬ 
shine due to dust and smoke, and the obscuring effects extend out to 
Kew, where the sunshine is reduced by 10 per cent, in consequence of 
the London smoke. 

In 1870 Maxwell showed that a small particle is repelled by rays 
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of light with a force proportional to the illumined surface. This is 
known as photophoresis (Greek photos^ light; phorein^ to bear). 
Maxwell suggested this as the reason why the tail of a comet is repelled 
from the sun, the pressure of the light on the minute particles composing 
the tail more than counterbalancing the gravitational effect. The head 
of the comet is made up of larger masses on which the effect of the 
light is small compared with that due to gravity. 

Luminous Flames, such as those of a candle or coal gas, owe their 
luminosity to the presence of incandescent particles floating in gas. 
When an intense beam of light is projected on to the luminous portions 
of the flames the beam is both bent from its original direction and 
polarised. The flames are termed stationary but not stable dispersoid 
syvsteins (von Weimarn, 1919). In a stable system the particles would 
not change, whereas in the flame they constantly disappear and are as 
frequently renewed. 
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, Relative abundance of, 4. 

— , Sixjcitic heats of, 215. 

— , Transitional, 330. 

-- , Transparency to X-rays, 309, 310. 

— yielding opticallv active compounds, 

203. 

Emission 8|Xictra, 280, 281. 

— theory of light, 280. 

Emulsions, 447. 

—, Chromatic, 408. 

Emulsoids, 447, 472. See also “ Colloids.” 

— , Adsorption of, 472. 

Enantiomorphism, 170, 178, 199. 
Enantiotropy, 178. 

Enclosed ar(;, 471. 

Energy and mass, 22. 

— - , Available, 22. 

— , Conservation of, 22. 

— . Dissipation of, 22. 

— , Equipartition of, 01. 

• - , Kinetic, 19. 

— , J^otential, 19. 

— , Surface, 268. 

— , Volume, 268. 

Enhanced lines, 283. 

Enolic form, 209. 

Equation, Adiabatic gas, 38, 

—, Chemical, 27. 

— , Clausius’, 67 

— , Clausius>Cla]x^yron, 80, 138, 140. 

— , Dieterici’s, 07. 

— , Gas, 39. 

—, Hatschek’s, 465. 

— , Hirn’s, 23. 

-- , Kirchhoff’s, 90. 

— of Dutoit and Mojoiu, 271. 

— of state, 104. 

— , van dor Waals', 64, 101. 

— , van’t Hoff’s, 143, 406. 

— , Walden’s, 271. 

Equipartitioii of energy, 61. 

Equivalent, Chemical, 29. 

— ratios, 28, 

— transparency, 309. 

— w€jight, 29. 

Erg, 19. 

Ether of space, 280. 

Ethyl acetoacetate, 318, 326. 

— oxalate, Boiling volume of, 160. 
Ethylene, Zero volume of, 163. 

Eutectic points, 305, 395. 

-, Table of data, 397. 

Expansion, Linear, 157. 

Extinction coefficient, 297. 
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Face, Crystalline, 166. 

—, Fundamental, 170. 

— , Indices of, 170. 

— , Similar, 166, 

— , Symbol, 170. 

Falling sphere viscometer, 243. 

Fatty acids, Heats of crystallisation of, 150. 

-, Setting points of, 150, 

Ferric chloride, HydrolysivS of, 434. 

-, Molecular weight of, 423. 

-, Solubility of, 367, 

-, Vapour density of, 131. 

— hydroxide sol, 470. 

Ferrous cliloride, Molecular weight of, 423. 

-, Vapour density of, 131. 

Pick’s law, 372, 381. 

Filaments, Volatilisation of, 70. 

Filters, Bechhold, 444, 452. 

Filtration of colloids, 444, 452. 

Flames, 486. 

Flotation of or(‘8, 257. 

Fluidity, .59. See also “ Viscosity.” 

— , Unit of, 240. 

Fluorane, 313. 

Fluorescein, 312. 

Fluorescence, 311. 

Fluoropliores, 311. 

Foot-poundal, 19. 

Force, 14, 15. 

— , Unit of, 16. 

—, Vital, 27, 

Form, Crystal, 167. 

Formula, Alchemistic, 25. 

—, Balmer-Ritz, 285. 

—, Chemical, 26. 

—, Clausius-Mossotti, 316. 

—, Empirical, 26. 

— , Gibbs-Thomson, 435. 

— , Gladstone-Hale, 317, 32th 

— , Helmert’s, 14. 

— , Lorentz-Lorenz, 317, 320. 

'— , Molecular, 26. 

—, Nernst’s, 89. 

—, Rydberg’s, 286. 

—, Stokes’, 243, 244, 453, 483. 

Foucault’s experiment, 279. 

Fourier’s law, 381. 

Fractional crystallisation, 401. 

— distillation, 417. 

Fracture, Plane of, 167, 

Fraunhofer lines, 279. 

Frazer-Myrick apjmratus, 384. 

Freedom, Degrees of, 61. 

Freezing point curves, 395. 

-, Molecular depression of, 404. 

-of dilute solutions, 403, 

-of milk, 411. 

-of sols, 463. 

-^ ^ Osmotic pressure and, 392. 

Frequency, 282. 

Friend’s solubility apparatus, 374. 

Fumaric acid, 152, 204 , 

-, Sodium salt of, 161. 

Fumes, 480. 

Fundamental face, 170. 

Fusion of mixtures, Chapter XIX. 


Gallium chloride, Vapour density of, 131. 

— -, Discovery of, 294, 333. 

., Prediction of, 334. 

Gallon, 10. 

Gamboge sol, 469. 

”y,” 230. 

— , Dc*tormination of, 234. 

—, Effect of temjHjratiire on, 231. 
Gauguc, 257. 

Garnet, Crystal form of, 172. 

Gas, 37, 98. 

- , Adiabatic equation, 38, 238. 
constant, 39. 

— , Disperse sysUuns in, 479. 

• , Energy of a, 60. 

— equation, 39. 

, Ideal, 44. 

— laws, Chapter Ill. 

— , Perfect, 44. 

— pressure, 55. 

Gases, Adsorbed, 118. 

— , Density of, Chaptt'r VIII. 

, Diffusion of, 41. 

— , l)i8f)erse .sysUnns in, 479. 

— , Heat of adsorption of, 440, 441. 

— , Liquefaction of, Chapfer VH.L 

— , Mean free path of, 53, 59. 

— , Molecular beats of. 239. 

, — w^cights of, Chapter VHIL 
—, iVrmanent, 106. 

— , {Solubility in liquids, 343. 

— , — in other gasfjs, 342. 

— ^ solids, 355. 

— , Spccitic heats of, 2^^ -♦^9. 

— , Surface tension of, 268. 

— , Viscosity of, 59. 

Ga^S'-Lussac’s law, 30, 44, 50. 

Gelation, 472. 

Gels, 475. 

—, Diffusion in, 477. 

—, Elastic, 476. 

— , Inorganic, 476. 

— , Melting points of, 476. 

—, Organic, 476. 

— , Physical state of, 476. 

—, Rigid, 476. 

— , 8train on, 479. 

—, Structure of, 476. 

Geometrical isomerism, 204. 

Germanium, Discovery of, 335. 

— , Prediction of, 335. 

Gibbs-Thomson formula, 435. 

-surface layer, 458. 

Gladstone-Dale formula, 317, 320. 

Globe method of determining density, 
117. 

Glucinum, see “ Beryllium.” 

Glucose, Osmotic pressure, 387. 

Glyoerosol, 444. 

Gold number, 460. 

•—sol, 470. 

Graham’s law, 41, 56. 

Grain, 9. 

Gramme, 10. 

-calorie, 20, 212, 

-molecule, 32. 
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(Iraphitc, Spooific heat of, 218. 
Gravitational unit, J 6. 

Gravity, 14. 

- - , Acceleration due to, 14. 
GuldWg-Guye rule, 105. 

Guye and Piiitza’R apparatus, 119. 
Gypsum, Crystal form of, 174. 

* 

Haknutm, Atomic volume of, 157. 

-- , Double sulphate of, 401. 

- , Separation from zireoiiium, 150, 401. 
Hampson iiquefier, 111, 

Hartley’s rule, 307. 

TIatsehok’s equation, 405. 

- viscometer, 244. 

Hatty's law, 168. 

Heat, Atomic, 212. 

capacity, 211. 

- , Latent, 82, 84, 143. 

- , Mean spc'ciiie, 211. 

- , Mechanical equivalent of, 20. 

-- , Molecular, 212. 

of ailsorption, 440, 411. 
of evaporation, 82. 
of fusion, 143. 
of volatilisation, 82. 

- , S|n*eific, 2JJ. 

— , True sjM'eiiic, 212. 

- , Units of, 20, 211. 

Helium, Absorption ot, by charcoal, 357. 

' - , Discovery of, 293. 

Ilelmert’s formula, 14. 

Hernihedral forms, 171. 

Henry’s law, 345. 

Ileterofreneoiis siibstanees, 3, 

Hexa^a:onal hijiyramids, 177, 

~ system, 175. 

Hildebrand’s rule, 89. 

Hirn’s equation, 02. 

Hofmann's vapour density method, 125. 
Holohedral forms, 171. 

Homogeneous substances, 3. 

Homologous lines, 288. 

— series, Boiling points of, 90. 

Horse jxiwcr, 19. 

Hydration of sugar, 352. 

Hydrogen, Absorption by charcoal, 357. 

, — by palladium, 350. 

, Adsorption by tungsten, 431. 

, Deviation from Boyle’s law, 40, 47. 
in outer atmosphere, 58. 

— , Position of, in perioilic table, 330, 338, 

— sulphide. Solubility of, 346. 
Hydrophobes, 449. 

Hydrosol, 444, 

Hylotropic mixtures, 416. 

Hypothesis, 2, 

—, Avogadro’s, 31, 49, 50, 

, Prout’s, 33. 

Hypsochromo, 306. 

Hypsometer, 79. 

lc», Compressibility of, 101. 

— sol, 469. 

Iceland spar, 176. 


Ideal gas, 44. 

Hmenito, Crystal structure of, 193. 
Imbibition, 478. 

Index of refraction, 310. 

Jndiecs of crystal face, 170. 

Indium, Atf>mif‘ weight of, 222, 309, 
332. 

chlorides, Vapour density of, 131. 

— , Discovery of, 294. 

— , Specific heat of, 222. 

Inert gases, Absorption by charcoal, 357. 

, Monatomicity of, 122. 

-, Position of, in periodir- table, 335. 

— — , Solubility in water, 348. 

-, Specific heat ratio, 122, 230. 
Inertia, 15, 

Infra-red, The, 280. 

— - , Absorption in, 301. 

Intercepts, Law of rational, 168. 

Interfaeial angle, 167. 
internal compensation, 201. 

— pressure, IJO. 

Intrinsic pressure, IJO, 205, 272. 

Inversion temjxTature, 111. 

Iodine chloride, 180. 

— , isotopes of, 337. 

— , Mob’ciilar weight of, 410. 

— , lV>sition of, in periodic table, 336. 
Ionisation isomerism, 196. 

Iron, Allotropy of, 184. 

— pyrites, 172. 

— , Speeilic hi‘at of, 224. 

— , Transition points of, 179, 185. 
Irrt'gular aggregates, 171. 

Tsatin, 307. 

Isocolloul, 444. 

Isodimorphism, 191. 

Isomer, 27, 194. 

Isomeridiss, Boiling points of, 93. 

— , Magnetic rotation of, 324. 

— , Melting poinhs of, 151. 

— , Parachors of, 276. 

— - , Specific heats of, 220. 

Isomerism, 193 210. 

, Chromo-, 308. 

— , Dynamic, 208. 

, Geometrical, 204. 

— - , Hyilrate, 190. 

~ , Ionisation, 196. 

' , Nuclear, 195. 

— , Optical, 198. 

—, Position, 195. 

, (Spatial, 199. 

— , Stort'o-, 199. 

— , Structural, J94. 

— , Types of, 194. 

, Valency, 209. 

Isometric system, 171. 
isomorphism, 188. 

— , Criterion of, 188, 

—, Law of, 188. 

—,-, Applications of, 102. 

Isomorphous overgrowth, 190. 

— series, 191. 

Isopiestic solutions, 415. 

Isopolymorphism, 191. 
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Isotherm, Adsorption, 437, 
Isotherms, 97. 

Isotonic solutions, 38.5. 
Isotopes, 34, 337. 

, List of, 3.5, 36. 
Isotrimorphisrn, 191. 
Isotropic substances, 107. 

Jakoer’s method, 260. 
Joly’s calorimeter, 233. 
doule, 19. 

ffoule-Kelvin effect, 110. 


Khem, 1. 

Kilogram, 9, 10. 

Kinematic viscosity, 211. 

Kinetic energy, 10. 

— theory, 50*67. 

Kir< hhoff's equation, 90. 

Koch's viscometer, 242. 

Kopp's law of molecular heats, .5, 221. 

— - --, Application of, 225. 

-- \olumeH, 1(M». 

- rule, 90, 93. 

Krypton, S|K'ctrum of, 294. 

Kundt's dust tube, 23.5. 


Labile hydrogim, 209. 

Lactic acids, 199. 

Lacuna), 279. 

Lajvo-rotation, 198, ,322. 

Lambert’s law, 297. 

Laminar flow, 241. 

Landsberger-Sakurai apparatus, 421. 
Langmuir’s theory of gaseous adsorption, 
427. 

Laplace’s theory of surface tension, 265. 
Latent heat, Boiling point and, 85. 

, Nature of, 84. 

- of evaporation, 82. 

-of fusion, 143. 

-, Tables of, 145, 150. 

-of melting, 143. 

- — of vaporisation, 82. 

-, Surface tension and, 265. 

Law, Adsorption, 438. 

- , Babo’s (von), 418. 

-- , Beer’s, 298. 

- , Blagden’s, 394. 

, Boyle’s, 37, 44, .55. 

- , — , Deviations from, 49. 

, Cailletet and Mathias’, 98. 

- , Charles’, 38, 44. 

* , Dalton’s, 43, 342. 

- , Depretz’, 154. 

-- , Dulong and Petit’s, 5, 216. 

~ , Pick’s, 372, 381. 

- , Fourier’s, 381. 

- , Gay-Lussac’s, 30, 44, 50, 159. 

- , Graham’s, 41, 66. 

, Haffy’s, 168. 

, Henry’s, 345. 

, Kopp’s, 5, 160. 224. 

—, Lambert’s, 


Law, Maxwell’s, 314. 

— , Miiseherlich’s, 188, 

, Neumann’s, 224. 

, New'land’s, .3,30. 

, Partition, 370, 377. 

, IVrioilie, .5, 337. 

, Prc‘slon's, 288. 

, Baoult’s, 404, 418. 

-, liiehters, 27. 

— , Hung(‘ and Jh'eeht’s, 291. 

, Sneirs, 316. 

— , St<*no’s, 168, 

, S\e<lbiTg’8, 451. 

, Tate’s, 260. 

— , M’lm/.td’s, 12. 

, Wullnei's, 418. 

— of adthtive piessures, 342. 

— -volumes, .343. 

eombming volumes, 30, 44. 

-weights, 29. 

coiisei \ at ion of energy, 22. 

— - of mass. 20. 
constancy of angles, 168. 

(lelinite proportions, 27. 
diffusion ot gases, 41, 56. 
equj\ai(‘iit ratios, 28. 

- WH'jghts, 29. 

— - isomorphism, 188. 

- — multiple proportions, 28. 

- octaves, 330. 
paitial preHsun*s, 342. 

— rational intercepts, 168. 
symmetry, 168. 

Laws of absorption of light, 297. 

- of motion, 14, 15. 

L(‘ Bel's tlK'ory of carbon atom, 199. 

Ia‘ (’hatcher's theorem, 23. 
lA*ad, Atomn* heat of, 2It). 

, Density of, 18. 

, Freezing curve of silver alloys, 396. 

— , X'apour pressure of, 72. 

Licscgang rings, 477. 

Light, Nature of, 280. 

Limiting density;, 120. 

— wave number, 285. 

Linde air plant, Ill. 

— oxygen plant, 114. 

Liquation, 401. 

Liquefaction of gasos, Chapter \TI. 
Liquid air, 109. 

“ crystals, J36. 
oxygen, 113. 

— state, 50. 

L]C|uids, Molecular volumes of, 159. 

— , Structure of, 135. 

— , Superheated, 101. 

, Tensile strength of, 101. 

Lithium, Atomic heat of, 221. 

— , volume of, 221. 

— chloride. Solubility of, 369. 

-- , Sp(*ctrum of, 287. 

Litre, 9, 11. 

Litre-atmosphere, 20. 

Lorentz-IiOrenz formula, 317, 320. 
Losohmidt’s number, 52. 

Lumixiescenco, 310 >314. 
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Luminous flames, 480. 

Lyman series, 285, 

J^yophobes, 449. 

MoCoj.lum’s specific heat apparatus, 232. 
JVIacTohettTogeneous sysU'ras, 444. 
Magnosium-lead, Freezing point curve for, 
398. 

Magnetic rotation, 323 -327. 

Majorana’s (experiment, J82. 

Maleic acid, 152, 204. 

-, Sodium salt of, 161. 

— anhydride, 204. 

Manocryomoter, 141. 

Mass, 9, 

— , Conservation of, 20. 

— , Molecular iTK'ari, 53. 

— , R(4ation to (uuu’gy, 22. 

— , Weight and, 10. 

Mastic sol, 469. 

Matrix, 257. 

Matter, I. 

, Kinetic theory of, 50 f>7. 

Maximum boiling point mixtures, 416. 
Maxwell’s hiw, 314. 

^h‘an fr(‘(^ paths, I’ablc of, 53. 

-— ^ V'iseosity and, 59. 

— s])eeific lu'at, 211. 

Mechanical equivahuit of heat, 20. 

M('gabar, 17. 

** Melting,” 178, 186. 

Melting point ns corresponding t(un|KJra- 
ture, 142. 

- , fbngruent, 133, 366. 

Determination of, 133. 

- - -, Jncojigruent, 133. 

, Influence of impurities on, 141. 

., - ■ of particl(' size on, 139. 

•• , —of pressure on, 139. 

, Isoiruu’ides and, 151. 

- ™ , Transition j)oint ajid, 182. 

, True, 69, 133, 366. 

- , V(»lunui changes at the, 136. 

M<dting points of elements, 92, 148. 

-^ Atomic riumfjcTS and, 148. 

. of fatty acids, 151, 

-- - of g(ds', 476. 

-- of isomerides, 151. 

. - , Standardising thermometers by, 

134, 135. 

Mendeleelf’s periodic table, 331. 

Mercuric^ bromide-iodide fusion curve, 400. 

— sulphide sol, 470. 

Mercurous chloride, Vapour density of, 131. 
Menmry, Compressibility of, 164, 165. 

, l.)i?tection of tra(«cs of, 292. 

— sols, 469. 

*, iSpecific heat of, 216. 

— , Surface tension of, 272. 

Mtisotartaric acid, 201. 

Mesotropism, 208. 

Metaklehyde, 197. 

Metalloid, 6. 

MetalS) 5. 

— , Vapour pressure's of, 72. 

JVletainerisui, 195. 


Mcitastability, 145. 

Methyl pyrazole, 209. 

Microbalance, 124. 

Microheterogeneous systems, 644. 
Micromillimetre, 8. 

Micron, 8, 450. 

Mil, 11. 

Milk, Freezing point of, 411. 

Miller’s method, 170. 

Millikan’s oil droi) method, 484. 

Millimetre, 8. 

Millimicron, 8. 

Mills and Robinson’s surfait' t(‘nsion 
method, 261. 

Minimum boiling point mixtiinjs, 416. 
Miscibility and pressure, 360. 

Missing elements, 341. 

Mitscberlich’s law, 188. 

-, Applications of, 192. 

Mixed crystals, 190, 375. 

Molar capillary activity, 272, 278. 
Molecular association, 269, 407. 

— attraction, 63. 

-, Range of, 265. 

- cohesion, 272. 

— diameters, Table of, 53. 

— disporsivity, 320. 

-- dispersoids, 444. 

— - formtdae, 26. 

- heats of gas(^8, 230. 

-of 8oli(ls, 223, 224. 

— latent heat, 82. 

— magnetie rotation, 324. 
mean mass, 53. 

— - rofra(;tivity, 317. 

~ rotatioT), 323. 

— surface, 249. 

- velociti(is. Table of, 53. 

— viscosity, 249. 

— volumes in solution, 372. 

— volumes of gaso.s, 32, 120. 

of liquid.s, 159. 

— —of solids, 159. 

- weight, 25, 120. 

, Calculation of, 120, 268, 389, 419, 
420. 

~ of colloids, 403. 

— of gases and vapours, 32, Chapter 

viri. 

Molecule, 25, 120. 

—, Asymmetric, 199. 

Molocuios, Mass of, 53. 

— , Number of, 52, 53. 

— , Size of, 52. 

— , Velocity of, 53, 56. 

Molybdenum oxycldorides, 207. 

Molybdic acid, 379. 

Momentum, 16. 

Monoclinic system, 173. 

Monosyraraetrie system, 173. 

Monotropy, 179. 

—, Pseudo-, 181. 

Motion, Laws of, 14, 15. 

Multiple proportions, Law of, 28. 
Multiplets, 286. 

“ Museum sickness,” 187. 
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Naphthalene, Moloctilar volume of, 373. 
Neodymium chloride, Absorption spectrum 
of, 296. 

Nemst’s formula, 89. 

Neumann’s law, 224. 

— triangle, 265, 

Newton’s laws of motion, 14, 15. 

Nickel, Atomic heat of, 219. 

— , Isotopes of, 337. 

—, Position in periodic table, 336. 

Nicol prism, 176, 321. 

Nicotine, Solubility of, 359. 

Nitric acid, Freezing point curve of, 399. 
Nitrobenzene, 157, 187. 

Nitrogen, Absorption of, by charcoal, 357. 

— , iSsviation from Boyle’s law, 46, 47. 

—, Rate of absorption of, 350. 

>- , Solubility of, 346, 347. 

— tetroxide. Molecular heat of, 232, 237. 
Nitromethane, Specific heat of, 226. 
Nitrophenol, 308. 

Nitrosophenol, 209. 

Non-metals, 5. 

Nuclear isomerism, 195. 

Nucleus, Atomic, 336. 

Oblique system, 173. 

Occlusion, 355-358. 

Octahedron, 167, 171. 

Octaves, Law of, 330. 

“ Oiling ” process, 257. 

Olivine, 173. 

Optical activity, 198, 321-323. 

— anomalies, 319. 

— density, 298, 

— depression, 319. 

— exaltation, 319. 

— isomerism, 198. 

— properties of colloids, 467, 485, 

Ores, Flotation of, 257, 

Organosols, 444. 

Orthobaric volumes, 163. 

Orthoclase, 174. 
o-Oxycarbanil, 307. 

Orthorhombic system, 173. 

Osmosis, Chapter XVIII. 

Osmotic pressure, 383, 384. 

-, Boiling point and, 392. 

.— , Freezing point and, 392, 

-, Gas laws and, 386. 

- in gases, 386. 

— — ^ Indirect measurement of, 385. 

-, Measurement of, 383-385. 

-, Molecular weight and, 389. 

-of colloids, 463. 

— ~ of sugar solution, 386, 387. 

-, Raoidt’s law and, 389. 

-, Temperature and, 390. 

-, Vapour pressure and, 390, 

Ostwald’s absorptiometer, 344. 

'— solubility coefficient, 343. 

— viscometer, 243. 

Oxygen, Absorption of, by blood, 347, 
439. 

—,-, by charcoal, 357. 

—,-, by molten i^ver, 365. 


Oxygen, Atomic weight of, 33, 

—, Deviation of, from Boyle’s law, 46, 47. 

— , Discovery of, 2. 

— , Isotopes of, 34. 

— , Liquefaction of, 113. 

—, Mean percentage in air, 58. 

—, Solubility of, 345-347, 353, 355. 

— standard, 34. 

Ozone, Molecular weight of, 42. 

Pali^adium, Absorption of hydrogen by, 
356. 

p-Benzoquinone, Parachor of, 276. 
Parachor, 274-278. 

— an additive property, 274. 

—, Atomic constants, 275. 

— , Structural constants, 275. 

Parachors of isomerides, 276. 

Paraldehyde, 197, 276. 

Parallel growth, 171. 
jp-Nitrophenol, 308. 

Para-tartaric acid, 201. 

Partial pressures, Law of, 43, 343. 
Partington’s latent heat apparatus, 144. 

— specific heat apparatus, 237. 

Partition coefficient, 377. 

— law, 370, 377. 

Paschen series, 286. 

Pattiiison’s process, 396. 

Pentamorplusm, 177. 

Peptisation, 468. 

Perfect gas, 44. 

Periodic law, 330. 

-, Atomic structiH^ and, 336. 

-, — volumes and, 157. 

-, Crystal form and, 192. 

-, Exceptions to, 335, 337. 

-, Hydrogen and, 336, 338. 

-, Modern form of, 337. 

-, Rare earths and, 339. 

— sphere, 340, 341. 

— table, Line spectra and, 289. 

— - , Mendel^ff’s, 330. 

-, Modern, see Frontispiece, also 336. 

Permanent gases, 108. 

Perrin layer, 458. 

Pfoffer’s cell, 383. 

Phase, 3. 

—, Continuous, 443. 

—, Disperse, 443. 

Phenol, Solubility of, 358. 

Phenol-water, Viscosity of, 466. 
Phenolphthalein, 308. 

Phosphorescence, 310, 314. 

—, Cathodic, 289. 

Phosphorogens, 289. 

Phosphorus, Allotropy of, 180. 

—, Molecular weight of, 410, 423, 424. 

—, Sol of, 469. 

—, Specific heat of, 221. 

Photophoresis, 486. 

Phthalyl chloride, 209, 277. 

Physical changes,^ 1. 

— chemlstiy, 1, 2. 

— ma^tttdes, 6. 

— purity, 181. 
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Pinaooids, 171. 

Plane, Axial, 170. 

—, Cleavage, 167. 

— fracture, 167. 

— of symmetry, 169. 

—, Parametral, 170. 

Plasmolysis, 386. 

Plaster of Paris, Setting of, 473. 
Platinum, Colloidal, 470, 471. 

— , Complex derivatives of, 207. 

— , Specific heat of, 219. 

Poise, 240. 

Polarimeter, 322. 

Polariser, 322. 

Polymorism, 197. 

Polymorphism, 177. 

— . Types of, 177, 178. 

Poly phasic systems, 443. 
Porter-Hedges layer, 4.58. 

Potassium argentoeyanide, 371. 

— chloride. Solubility of, 371. 

~ dichromate, Crystal of, 174. 

— iodide. Solubility of, 364. 

— , Isotopes, 337. 

— nitrate. Solubility of, 371. 

— . Position of, in periodic table, 3.36. 

— sulphate, Transition point of, 179. 
Potential energy, 19. 

Pound, Standard, 9. 

Poxmdal, 16. 

Power, 19. 

Precipitation, Electrostatic, 482. 

— of suspensoids, 459. 

—, Rhythmic, 477. 

—, Thermal, 486. 

Pressure, 17. 

— and solubility, 345, 369. 

— , Critical, 96. 

— , Internal, 63, 110. 

—, Intrinsic, 63, 110, 265, 272. 

— , Miscibility and, 360. 

— of gases, 55. 

- , Osmotic, 383, 384. 

—, Sublimation, 69. 

—, Vapour, Chapters IV, V, XX. 
Preston’s law, 288. 

Prism, 170, 279. 

— , Nicol, 176, 321. 

Protective colloids, 460. 

Protyle, 328. 

Prout’s hypothesis, 33, 328. 

Prussian blue, sol, 470. 

Pseudomerism, 208. 

Pseudomonotropy, 181. 

Purple of Cassius, 470. 

Pyramid, 170. 

Pyritohedron, 169. 

Pyrone, 312. 


Quadeatic system, 172. 

Quartz class, 176. 

— crystal, 176. 

— microbalanoe, 124. 

Quincke's surface tension method, 261. 
Quinone oxime, 209. 
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Racemic mixture, 201. 

Radiometer, 61. 

Radium, Atomic weight of, 291. 

— sulphate, Solubility of, 362. 

Raman effect, 320. 

Ramsay-Shields surface tension method, 
258, 259. 

Ramsay-Young rule, 79. 

Ramsay’s molecular weight apparatus, 419. 
Raoult’s law, 404, 418. 

Rare earth metals. Position of, in periodic 
table, 336. 

-, Specific heats of, 223, 224. 

— earths, Absorption spectrum of, 302. 

-, Cathodic phosphorescence of, 289. 

-, Double nitrates of, 402. 

-, Fractional crystallisation of, 401. 

Rate of dissolution, 348, 473. 

— of sedimentation, 454, 483. 

— of sublimation, 70. 

— of volatilisation, 70. 

Ratio, Axial, 170. 

— of specific heats, 230. 

Rat ional intercepts. Law of, 168. 
Recalescence, 185. 

Rectilinear diameter, 99. 

Reduced equation of state, 104. 

— pressure, 101. 

— temperature, 104. 

Reduction of critical constants method for 
molecular weights, 122. 
Redwood’s viscometer, 245. 

Refraction, Atomic constants, 318. 

—, Double, 321. 

—, Structural, 318. 

Refractive index, 316. 

— indices, Table of, 317. 

— power, 316. 

Rcgnaulfc’s apparatus, 45. 

Regular system, 171. 

“ Relative lives ” of gas molecules, 431. 
Residual rays, 292. 

Resolution into active isomeridcs, 202, 
Rhe, 240. 

Rhombic dodecahedron, 172. 

— system, 173. 

Rhombohedral system, 175, 
Rhombohedron, Positive, 177. 

Rhythmic precipitation, 477. 

Richard and Coombs’ surface tension 
method, 258-260. 

Richter’s law, 27. 

Rock salt, 444, 467. 

Rodebush’s apparatus, 130. 

Rubidium, Discovery of, 292. 

—, Series lines of, 288. 

Rule, I>epreta’, 87. 

—, Guldberg-Guye, 105. 

Hartley’s, 307. 

—, Hildebrand’s, 89. 

—, Kopp’s, 90. 

—, Ramsay-Young, 79. 

—, Stability, 222. 

— , Stokes’, 311. 

—, Trouton’s, 87. 

— , van’t Hoff’s, 222. 
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Rtmge and Preoht’s law, 291. 

Rydberg’s constant, 285. 

— formula, 286. 

Saochabimktby, 323 . 

Satellites, 281. 

Saturated solutions, 342. 

Scalenohedron, 177. 

Scandium, Discovery of, 334. 

—, Prediction of, 334. 

Sea water. Compressibility of, 164, 

Second, Mean solar, 12. 

Sector photometer, 298, 299. 

Selective assimilation, 202. 

Selenium, Composition of vapour of, 130. 

— , Fixing atomic weight of, 192. 

— , Molecular weight of, 410, 423, 

— sol, 470, 

Semipermeable membranes, 383. 

-, Function of, 393. 

Series, Balmer, 285. 

— , Brackett, 286. 

— , Diffuse, 286. 

—, Lyman, 285. 

—, Paschen, 286. 

—, Principal, 286. 

—, Sharp, 286. 

— spectra, 284. 

—, Subordinate, 286. 

“ Sherardising,” 68. 

Silica aerogel, 476. 

Silicon, Atomic heat of, 218, 221. 

Silver, Atomic heat of, 219. 

— chloride. Solubility of, 370. 

— , Correcting atomic weight of, 192, 

— cyanate, 194. 

— halides, Solubilities of, 363. 

— iodide. Transition point of, 182. 

— sol, 470. 

-, Colours of, 467, 

—, Solubility of oxygen in, 355. 
Silver-lead, Freezing point curve of, 390. 
Singlets, 286. 

Smokes, 444, 480. 

Snell’s law, 316, 

Soaps, 475. 

Sodium chloride, Freezing point curve of, 
395. 

-, SolubiUty of, 363, 365, 369, 371. 

— nitrate. Solubility of, 369. 

— stilphate, Solubility of, 367. 

— vapour, Density of, 1^. 

Sol, 444. 

Solation, 475. 

Solid angles, 167. 

— solution, 375. 

Solids, Molecular volumes of, 159. 

—, Solubility in liquids, 362, 

—, — in other solids, 375. 

—, Surface tension of, 268. 

Sols, Preparation of, 468. 

Solubility. Chapter XVII. See also “ Dis¬ 
solution/* 

—, Dielectric constant and, 364. 

—, Methods of determining, 344, 361, 
373, 


Solubility, Minima of gaseous, 348, 

—, Transition point and, 187, 367. 
Solute, 3. 

Solution, Definition of, 3, 342. 

—, Saturated, 342. 

—. Solid, 375. 

Solutions, Adsorption from, 432. 

— , — layers of, 434. 

—, Conjugate, 368. 

— , Critical temperatures of, 359. 

— , Distillation of, 416. 

—, Freezing points of dilute, 403. 

—, Isotonic, 385. 

—, Supersaturated, 191, 376. 

—, Vapour pressures of, 412-415, 417. 
—. Viscosity of, 248. 

Solvent, 3, .343. 

Sorption, ^58. 

Sound, Velocity of, in gases, 236. 
Specific capillary activity, 274. 

— cohesion, 272. 

— dispersivity, 320. 

— gravity, 11. 

— heat. Chapter XII. 

-, Allotropy and, 221. 

-at low temperatures, 219. 

-, C/alculation of mean, 211. 

-, — of true, 212. 

-, Determination of, 214. 

-of alcohol and water, 228. 

-of compoimds, 223. 

-of elements, 215. 

-of gases, 228. 

-of isomers, 226. 

-of liquids, 226. 

-of mixtures, 227. 

-of nitrogen tetroxide, 232, 237. 

-of nitromethane, 226. 

-of water, 213, 227. 

— magnetic rotation, 324. 

— opacity, 309, 

— refractivity, 317. 

— rotatory power, 323. 

— surface, 12, 426, 

— volume, 1 ^, 153. 

Spectra, CaUiodic phosphorescence, 289. 
—, Series, 284. 

SpectrophOTometer, 299. 

Spectrum; Chapter XV. 

— , Al^rption, 280, 294-308. 


, Me, 283. 

,/Band, 281. 

Continuous, 279. 
f Emission, 280, 281. 

— , Applications of, 290. 
Excitation of, 283. 
Flame, 283. 

Fluorescent, 283. 

Fluted, 282. 

Infra-F^ 280. 
line, 281, 289. 
Reflection, 295. 
Reversed, 280. 

Spark, 283. 

Ultra-violet, 280. 

Visible, 284. 
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Sphere, Periodic, 340, 341. 

Spheroidal state, 77. 

Spinthariscope, 213. 

Spreading coefficient, 256, 

Stability rule, 222. 

Starch'Water, Viscosity of, 467. 

State, Colloidal, Chapter XXII. 

— , Continuity of, 99, 

— , Corresponding, 103, 104. 

— , Crystalline, Chapter XI. 

— , Reduced equation of, 104. 

Steam distillation, 410. 

— molecules, 135, 227. 

Steno's law, 168. 

Stereo-isomerism, 199. 

Stewart’s model, 322. 

Stokes’ formula, 243, 244, 453, 483. 

— rule, 311. 

Streaming,” 348. 

Sublimation, 68. 

— curve, 69. 

— prt^ssure, 69. 

— , Velocity of, 70. 

Submicrons, 450. 

Succinic acid, 377. 

Succinonitrile, 397. 

Suc cinyl chloride, 277. 

Sugar, Hydration of, 352. 

SugdoTi’s surface tension method, 259. 
Sulphur, Allotropy of, 178, 182. 

— , Axial ratios of, 173, 174. 

— , Composition of vapour <>f, 130. 

— , Dynamic allotropy of, 181. 

— , Molecular weight of, 410, 423. 

— , Monoclinic, 178. 

— -, Rhombic, 178. 

— sol, 468, 469. 

— , Specific heat of, 221. 

—, Transition point of. 178, 179, 183, 186. 
Sulphur dioxide. Solubility of, 353. 

— trioxide, freezing point curve of, 399. 
Sulphuric acid, Density of, 361, 

-, Hydration of, 354. 

Supercooled vapour, 100. 

— water, 145, 246. 

Supercooling, 144. 

Superfusion, 145. 

Superheated liquid, 100. 

Superheating, 76. 

Supersaturated solution, 191, 376. 

— vapour, 100, 267. 

Su{)ersaturation, Removal of, 191, 376. 
Surface energy, 268. 

— , Specific, 12, 426. 

— tension, Chapter XtV. 

-^ , Compressibility and, 266. 

-, Critical temperature and, 264. 

-, Definition of, 253. 

-, Degree of association and, 269, 

-, Foreign substances and, 272. 

-, Measurement of, 257 -262. 

-, Molecular weight and, 268* 

- of gases, 268. 

-of liquids, 262-268. 

-of solids, 268. 

-of solutions, 273. 


4m 

Surface tension, Tables of values of, 263, 
266, 273. 

-, Vapour pressure and, 266. 

-, Variation with temperature, 262. 

Suspensoids, 447. See also “ Colloids.” 
Svedberg’s enclosed arc, 471. 

— law, 451. 

Symbols, 25. 

—, Alchemical, 25. 

—, Berzelian, 26, 35, 36. 

—, Daltonian, 25. 

—, Modern, List of, 35, 36. 

— of crystal face, 170. 

Symmetry, Centre of, 169. 

— , Elements of, 169. 

— , Law of, 168. 

—, w-Fold, 169. 

—', Plane of, 169. 

Sympathetic ” inks, 303. 

Syneresis, 478. 

System, Anorthic, 174. 

—, Asymmetric, 174. 

—, Cubic, 171. 

—, Hexagonal, 175. 

— , Isometric, 17 J. 

—, Miller’s, 170. 

—, Monocliiiio, 173. 

—, Oblique, 173. 

— of units, Absolute, 6. 

—, Orthorhombic, 173. 

—, Quadratic, 172. 

—, Regular, 171. 

— , Rhombic, 173. 

—, Rhombohedral, 175. 

—, Tetragonal, 172. 

—, Triclinic, 174. 

—, 'Trigonal, 175. 

Systems, Colloid, 444. 

Costal, 171 176. 

—, Diapt'-rse, 447. 

—, Heterogeneous, 443. 

— , Homogeneous, 3, 342. 

—, Macroheterogeneous, 444. 

—, Microheterogeneous, 444. 

—, Polyphasic, 443. 


Tartaric acid, 200. 

-, Crystals of, 201. 

Tate’s law, 260. 

Tautomerism, 208. 

Telluric screw, 330, 

Tellurium, Isotopes of, 337. 

—, Molecular weight of, 410, 423. 
—, Position in periodic table, 336. 
Temperature, 20, 50, 55. 

—, Absolute, 39. 

—, Consolute, 359. 

—, Critical, 96, 264. 

- , — solution, 359. 

—, Inversion, HI. 

- -, Kelvin’s scale of, 39, 

— , Thermodynamic scale of, 134. 
Tensile strength of liquids, 101. 
Tetartobedrad forms, 171. 
Tetragonal system, 172. 
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Tetrahedral carbon atom, 199. 
Tetrahedron, Negative, 172. 

—, Positive, 172. 

Tetramorphism, 177. 

Thallium, Discovery of, 292. 

Thallous picrate, 179, 182. 

Theorem, Boltzmann’s, 61. 

— , l»e Chatelier 8, 23, 139. 

Theory, 2. 

—, Kinetic, 50-67, 

— , Langmuir’s gaseous adsorption, 427. 

— , Laplace’s surface tension, 265. 
Thermal precipitation, 485. 

Thermometers, iStandardisation of, 77, 134. 
ThUorier’s mixture, 107. 

Thionyl chloride, Zero volume of, 163. 
Thiosulphuric acid, Isomerism of, 209. 
Thixotropy, 479. 

Thorium sulphate, Solubility of, 368. 
Thymol, Molecular volume of, 373. 

Tin, Allotropy of, 186. 

—, Atomic heat of, 221. 

—, Optically active derivatives of, 202. 

— pest, 18L 

—, Transition points of, 179. 

Tin-bismuth, Freezing point curve of, 395. 
Transition temj)eraturcs, 179, 466. 

-, Table of, 179. 

Transitional elements, 330, 

Transpiration, 42. 

Trapezohedron, 172. 

Triboluminescene^, 311, 313. 

Triclinic system, 174. 

Triethylamine, Solubility of, 359. 

Trigonal system, 175. 

Trimorphism, 177. 

Triple point, 69. 

Triplets, 286. 

Tropomerism, 208. 

Trouton’s rule, 87, 144. 

Troy weight, 10. 

Tungsten filaments, 70, 431. 

Turgescence, 478. 

Turner-Pollard molecular weight apparatus, 
422. 

Twin crystals, 171, 174. 

Tyndall cone, 445. 

— effect, 445. 

Tyrosine, 307. 

Ultimate rays, 292. 

Ultrafiltration, 452. 

Ultramicroscope, 449, 453. 

Ultra-violet rays, 280, 283, 

Undulatory theory of light, 280. 

Units, Chapter I. 

—, Absolute, 6. 

—, Derived, 7. 

—, Fundamental, 6. 

—, Gravitational, 16. 

— of compressibility, 163. 

— of force, 16. 

— of heat, 20. 

— of length, 7. 

— of mass, 9. 

— of pressure, 17. 


Units of time, 12. 

— of volume, 7. 

— of work, 19. 

Uranium, Atomic weight of, 222, 332. 
Urea, 27. 

Valency isomerism, 209. 

Van der Waals’ equation, 63, 101-104. 
Vanadium, 5. 

— , Fixing atomic weight of, 193. 
van’t Hoff’s equation, 143, 407. 

-factor, 388. 

-stability rule, 222. 

Vapour density, 124. 

— pressure. Chapters IV, V and XX. 

— — of carbonyl chloride, 74. 

— — of dilute solutions, 417. 

— — of metals, 72. 

— — of water, 73. 

— —, Osmotic pressure and, 390. 

— —, Surface tension and, 266. 

— —, Transition temjxsrature and, 187. 

— state, 51, 98. 

—, Sujxjroooled, 100. 

—, Supersaturated, 1(X). 

— tension, 73. 

Velocity, 13. 

—, Angular, 14. 

—, Molecular, 56. 

— of dissolution, 348, 473. 

— of gaseous diffusion, 41. 

— of sound in gases, 236. 

— of sublimation, 70. 

— of volatilisation, 70. 

Verdet’s constant, 323. 

Victor Meyer’s vapour density method, 127, 
128. 

Viscometer, Bridgman’s, 246. 

— , Falling sphere, 243-245. 

—, Hatsehek’s, 244. 

—, Koch’s, 242. 

—, Ostwald’s, 243. 

—, Redwood’s,^ 245. 

Viscosity, Chemical constitution and, 249. 
—, Coefficient of, 240. 

—, Definition of, 240. 

— , Effect of temperature on, 246. 

—, Gaseous, 59. 

—, Kinematic, 241. 

—, Mean free path and, 59. 

—, Measurement of absolute, 242. 

—, Molecular, 249. 

—, Nature of liquid, 247. 

—, Negative, 248. 

— of colloids, 464. 

— of emulsoids, 251, 464. 

— of solutions, 248. 

— of water, 246. 

—, I’Tessure and, 247, 

—, Rate of shear and, 246. 

—, Relative, 243. 

—, Table of coefficients of, 243. 

—, Transition points and, 250, 466. 

—, Units of, 240, 

Visibility, Limits of, 283, 445. 

Visser’s (de) manocryometer, 141. 
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Vital force, 27. 

Volatilisation, Heat of, 82. 

— of filaments, 70, 431. 

—, Velocity of, 70. 

Volume relationships, Chapter X. 
Volumes, Atomic, 157. 

—, Boiling, 160. 

—, Critical, 96. 

— , — , Tables of, 99, 162, 275. 

— , Molecular, 159. 

—, Orthobaric, 163. 

— , Specific, 12, 153. 

—, Zero, 162. 

Volumeter, 119. 

Walden’s equations, 271. 

Water, Absorption spectrum of, 299. 

— , Association of, 209, 408. 

— , Boiling points of, 73. 

— , Compressibility of, 164, 165. 

— , Constitution of, 135, 144, 227. 

— , Density of, 153. 

— , Latent heat of, 85. 

— , Maxwell’s law and, 315. 

— , Molecular volume of, 159. 

— , — weight of, 408. 

— of hydration, 159, 352. 

— , Spc'cific heat of, 213. 

.... ^ — volume of, 153. 

— , Supercooled, 45, 246. 

— , Vapour pressure of, 73. 

— , Viscosity of, 246. 

Watt, 19. 

Wavelengths of hydrogen lines, 285. 

— , Typical, 283, 284. 

VV^ave number, 283. 


Wave number. Limiting, 285. 

— theory of light, 280. 

Weatphal balance, 154. 

Wetting, Phenomena of, 267, 431. 
Wilhelmy's surface tension method, 260. 
Work, 19. 

—, External, 109. 

— , Internal, 109. 

Wiiliner’s law, 418. 

X-RAYS, Absorption of, 309. 

Xylenes, Boiling points of, 195. 

— , Isomeriism of, 195. 

— , Melting points of, 152, 195. 

— , J^arachors of, 276. 

Yard, Standard, 7. 

Young’s boiling point apparatu.s, 76. 

Zeeman effect, 288. 

Zero, AbsoluLs, 39. 

— calorie, 214. 

— volume, 162. 

-, Constants of, 163. 

Zinc, Atomic heat of, 219. 

— blonde, 172. 

— , Transition points of, 170. 

— , Vapour pressure of, 72. 

Zircon, 173. 

Zirconium, Atomic volume of, 157. 

— , — weight of, 132, 193, 222. 

— chloride, V^apour dcn.sity of, 132. 

, Double sulphate of, 401. 

—, Separation of, from hafnium, 156, 401. 

— , Specific heat of, 222. 


P&INTSO IN GREAT BRITAIN BY NEILL AND CO., LTD., EDINBURGH. 



^ 0 ATE OF ISSUE 
^ be returned within 3/7/14 

days tti-iiA issue. A fine of ONE ANNA per da^ 
will be charged if the book is overdue. 




